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Ferrate has been proposed as an alternative pre-oxidant in drinking water treatment for 
many years. Despite extensive studies that examined ferrate oxidation of specific 
contaminants, little research has been done on the impacts of ferrate in raw waters that 
include natural organic matter (NOM) and bromide, and that are also treated with 
coagulants and chlorine. The future of ferrate as a potable water treatment chemical 
depends on its ability to achieve adequate disinfection while minimizing the formation of 
disinfection byproducts (DBPs) under these realistic scenarios. 
In this work, laboratory-scale treatment studies were conducted to (1) clarify the 
stability of ferrate in natural waters under various conditions, (2) re-examine the ability of 
ferrate to oxidize bromine species, (3) explore the interactions of ferrate and coagulants in 
controlling DBP precursors, and (4) compare ferrate with ozone as alternative pre-oxidants. 
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Results showed that ferrate decay was catalyzed by ferrate decomposition products. 
Solutes capable of forming complexes with iron hydroxides retarded ferrate decay. In 
natural waters, NOM and bicarbonate inhibited the catalytic effects of ferrate 
decomposition products and stabilized ferrate. 
Ferrate can oxidize bromide forming bromine and bromate, and in natural waters total 
organic bromine (TOBr) was also detected. The highest levels of bromine and bromate 
were formed at lower pH and in the absence of phosphate. Nevertheless, under 
environmentally relevant conditions, the formation of bromate and TOBr would not be a 
problem for ferrate application as their concentration levels are quite low. 
The effectiveness of ferrate oxidation in combination with conventional treatment on 
DBP precursor removal was investigated. Results showed that intermediate-ferrate 
treatment (i.e., conventional treatment followed by ferrate oxidation) was most effective 
followed by pre-ferrate treatment (i.e., ferrate oxidation followed by conventional 
treatment) or conventional treatment alone, and the least effective was ferrate oxidation 
alone. 
The effects of ferrate and ozone pre-oxidation on DBP formation from subsequent 
chlorination or chloramination were comparable at equivalent doses for most DBP species. 
Ozone led to higher haloketone and chloropicrin formation potentials than ferrate. The 
relative performance of ferrate versus ozone for DBP precursor removal was affected by 
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OVERVIEW AND INTRODUCTION 
More than 97 percent of the 156,000 public water systems in the U.S. serve 10000 or fewer 
people. These systems are classified as “small” by the U.S. Environmental Protection 
Agency (USEPA). Many small drinking water treatment systems are at a comparative 
disadvantage due to their size, remote location, and limited human and financial resources. 
Therefore, it is especially challenging for small drinking water treatment systems to meet 
regulations. Meanwhile, the unfavorable conditions (e.g., limited financial and human 
resources) have placed great importance on treatment technologies that are effective, 
economical, and suitable for applications in small drinking water treatment systems. 
Ferrate(VI) (Fe(VI)), i.e., iron in the hexavalent form, has attracted increasing attention 
among drinking water treatment researchers because it can offer multiple advantages. In 
addition to being an effective disinfectant for a wide range of microorganisms (Hu et al., 
2012; Jiang et al., 2007; Schink and Waite, 1980), ferrate can selectively oxidize many 
aquatic contaminants while producing little known hazardous byproducts (Sharma, 2010a; 
Virender K. Sharma, 2013, 2011). In addition, the ferric iron resulting from ferrate 
decomposition might provide coagulation benefit by serving as an in-situ coagulant. 
Therefore, ferrate is regarded as an environmentally friendly oxidant that might be well 
suited for use in small systems. Until recently, a major impediment to ferrate application 
has been the supply of high-purity ferrate. This obstacle seems to be diminishing as 
business ventures have been launched to fill this need. 
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Despite extensive research on the ability of ferrate to oxidize specific contaminants, 
published studies have either reported ferrate decomposition with little or no mechanistic 
interpretation, or when there has been kinetic analysis, the waters under study were not 
characteristic of most natural waters (e.g., many were prepared from deionized (DI) water, 
buffered with phosphate to provide a homogeneous system and facilitate determination of 
residual ferrate; Carr et al., 1985; Lee et al., 2014). Therefore, little is known about ferrate 
decomposition kinetics in heterogeneous systems or the effects of different solutes, 
especially natural organic matter (NOM), on ferrate decomposition. These effects are not 
only important in understanding ferrate lifetime and exposure in various waters but also 
significant for ferrate applications in water treatment. 
In addition, it has long been believed that one major advantage of ferrate over ozone is 
that ferrate does not oxide bromide like ozone does, and thus no brominated DBPs or 
bromate would be produced as a result of ferrate oxidation. This conclusion was based on 
the observation that ferrate decay rates were similar with and without the presence of 
bromide in phosphate-buffered DI water (Sharma, 2010a). Phosphate was proved to retard 
ferrate decay by complexing with ferrate decomposition products and might also affect 
ferrate reactivity toward bromide (Jiang et al., 2015). Therefore, no oxidation of bromide 
in phosphate-buffered water does not mean that ferrate cannot oxide bromide in waters 
using other buffers or without buffer. Meanwhile, little direct evidence can be found 
proving bromate was not produced after ferrate oxidation of bromide containing water. 
Strong pre-oxidants (e.g., ozone) may alter the structure and characteristics of natural 
organic matter (NOM) and thus impact NOM and disinfection byproduct (DBP) precursor 
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removal by subsequent coagulation (Graham et al., 2010). Under acidic conditions, ferrate 
has higher oxidation-reduction potential than many other commonly used water treatment 
oxidants. Therefore, ferrate may substantially alter the properties of NOM and impact 
NOM/DBP precursor removal by subsequent coagulation. However, little research has 
studied the effectiveness of ferrate in combination with coagulation to remove NOM and 
DBP precursors in a conventional treatment train.  
Furthermore, ferrate has been proposed to serve as a simple alternative to ozone in 
drinking water treatment. However, no research has directly compared the effects of ferrate 
and ozone pre-oxidation on DBP formation from chlorination or chloramination, especially 
when there was elevated levels of bromide and iodide. 
The overall goal of this research is to test the feasibility and advantages of using ferrate 
oxidation in drinking water treatment. Specifically, the primary objectives of this study 
were (1) to investigate the heterogeneous ferrate decomposition mechanisms and study the 
effect of different solutes, NOM, and particulate Fe(III) on ferrate decomposition in 
aqueous solutions; (2) to determine whether ferrate could oxidize bromide and the factors 
that would affect the oxidation of bromide by ferrate; (3) to investigate the effectiveness of 
ferrate for the control of NOM and DBPs in a conventional treatment train; and (4) to 
compare the effects of ferrate and ozone pre-oxidation on disinfection byproduct formation 





EFFECT OF DIFFERENT SOLUTES, NATURAL ORGANIC MATTER, AND 
PARTICULATE FE(III) ON FERRATE(VI) DECOMPOSITION IN AQUEOUS 
SOLUTIONS 1 
2.1 Introduction 
Ferrate(VI) (or Fe(VI)), i.e., iron in the hexavalent form, is a powerful oxidant and 
disinfectant that has been proposed for use in drinking water treatment for many years. 
Like ozone and chlorine dioxide, Fe(VI) is a highly selective oxidant, but it is also one of 
the few oxidants that form little hazardous byproduct (Sharma, 2010a). Under acidic 
conditions, Fe(VI) has higher oxidation-reduction potential than many other oxidants 
commonly used in water treatment processes (Sharma, 2002; Wood, 1958). Also, in water, 
Fe(VI) is reduced to ferric iron (Fe(III)), which might serve as an in-situ coagulant (Jiang 
and Wang, 2003). Therefore, Fe(VI) is regarded as an environmentally-friendly oxidant in 
water treatment. Until recently, a major impediment to Fe(VI) application has been the 
supply of high-purity ferrate (Jiang and Lloyd, 2002). This obstacle seems to be 
diminishing as business ventures have been launched to fill this need. 
                                                 
1 Modified from originally published version (Jiang, Y., Goodwill, J.E., Tobiason, J.E., Reckhow, D.A., 2015. 
Effect of Different Solutes, Natural Organic Matter, and Particulate Fe(III) on Ferrate(VI) Decomposition in 
Aqueous Solutions. Environ. Sci. Technol. 49, 2841–2848. doi: 10.1021/es505516w) 
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Fe(VI) chemistry and reactivity are highly pH-dependent. Fe(VI) exists in four 
protonated states in water with pKas of 1.5, 3.5 and 7.2 (Licht et al., 2001; Rush et al., 1996; 
Sharma et al., 2001a). Fe(VI) will spontaneously decompose in the presence of water at 
neutral pHs forming ferric hydroxide, hydrogen peroxide, and oxygen (Lee et al., 2014). 
Li et al. (2005) found Fe(VI) solutions to have a half-life of about 3 minutes at pH 7.1, 
increasing to a maximum of about 2 hours at pH 9.2 and then gradually decreasing to about 
14 minutes at pH 11.9. Fe(VI) has a higher redox potential at lower pHs and the 
monoprotonated form (which becomes significant below pH 8.5) is the more reactive 
species (Kamachi et al., 2005; Sharma et al., 1998, 1997; Shiota et al., 2003). Lee and von 
Gunten (2010) found Fe(VI) to be similar to chlorine and chlorine dioxide in its rate of loss 
in secondary wastewater effluent, except that it did not show an initial rapid loss (i.e., 
immediate demand). 
Researchers have disagreed over the reaction order for Fe(VI) decomposition: Carr et 
al. (1985) observed that Fe(VI) decomposition in pure water buffered with phosphate, 
borate or pyrophosphate is a mixed first- and second-order reaction with respect to Fe(VI), 
while others have only reported second-order decomposition kinetics (Lee et al., 2014; 
Rush et al., 1996; Sarma et al., 2012). There was no detailed mechanism explanation for 
the mixed first- and second-order decomposition kinetics. While for the second-order 
decomposition, the initiation and rate-limiting step of Fe(VI) self-decay is the reaction of 
two Fe(VI) to form two ferryl(IV) and two H2O2, during which the initial dimerization of 
two Fe(VI) is rate-limiting (Lee et al., 2014). It is well known that phosphate can stabilize 
colloidal iron(III) oxides (including ferric hydroxide) by surface complexation (Persson et 
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al., 1996). The presence of phosphate can inhibit the growth of iron colloids (e.g., Fe(VI) 
decomposition products), suppressing the formation of a solid iron hydroxide phase, and 
thus making ferrate decomposition in phosphate-buffered deionized (DI) water a 
homogeneous reaction. In all of the above-listed studies, a phosphate buffer was used to 
complex Fe(III) products, otherwise the process became too complex due to the role of iron 
precipitates. Therefore, only homogeneous Fe(VI) decomposition kinetics has been studied 
in a quantitative way. In addition, there is a large body of literature on the effectiveness of 
Fe(VI) for oxidation of specific inorganic and organic contaminants in water (Anquandah 
et al., 2013, 2011; Carr, 2006; Casbeer et al., 2013; Johnson and Bernard, 1992; Johnson 
and Hornstein, 2003; Sharma, 2010a; Sharma et al., 1997; Virender K Sharma, 2013; Yang, 
B., Ying, G.G., Zhao, J.L., Liu, S., Zhou, L.J., Chen, 2012; Zimmermann et al., 2012). 
Despite the extensive literature, published studies have either reported Fe(VI) 
decomposition with little or no mechanistic interpretation, or when there has been kinetic 
analysis, the waters under study were not characteristic of most natural waters (e.g., many 
were prepared from DI water, buffered with phosphate to provide a homogeneous system 
and facilitate determination of residual ferrate; Carr et al., 1985). However, Schreyer and 
Ockerman (1951) observed that the phosphate buffer could retard Fe(VI) decomposition. 
In addition, the stability of Fe(VI) ions in aqueous solutions can also be greatly affected by 
many other factors, e.g., alkalinity, pH, temperature, and initial Fe(VI) concentration 
(Schreyer and Ockerman, 1951; Wagner et al., 1952). Schink and Waite (1980) presented 
evidence for an autocatalytic decomposition of Fe(VI), possibly catalyzed by the formation 
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of ferric hydroxide solids. These studies presented the observed effects of different 
parameters, but the underlying mechanisms were not discussed. 
There has been little research that has systematically studied Fe(VI) decomposition 
kinetics in a heterogeneous system or the effect of different solutes, especially natural 
organic matter (NOM), on Fe(VI) decomposition. These effects are not only important in 
understanding Fe(VI) lifetime and exposure in various waters but also significant for 
Fe(VI) applications in water treatment. The objectives of this study were: (1) to investigate 
the catalytic effect of Fe(VI) decomposition products on Fe(VI) decay, (2) to compare 
Fe(VI) decomposition rates in the presence of major solutes and buffer ions, i.e., phosphate, 
bicarbonate, borate, chloride, and sulfate, (3) to characterize residual iron in these systems, 
and (4) to characterize ferrate exposure (area under the concentration vs time curve, or CT 
product) in various natural waters in order to clarify the effect of NOM and other solutes 
on Fe(VI) decay. 
2.2  Materials and Experimental Methods 
2.2.1 Chemicals and Reagents 
Potassium ferrate (K2FeO4, of 87% purity), reagent-grade 2,2’-azino-bis(3-
ethylbenzothiazoline-6-sulfonate) (ABTS), sodium borate decahydrate, sodium 
bicarbonate, sodium phosphate dibasic and ferric chloride hexahydrate were purchased 
from Sigma-Aldrich (St. Louis, MO, USA) or Fisher-Scientific (Fair Lawn, NJ, USA). A 
1 g/L stock solution of zinc polyphosphate (CarusTM 3350, 66.9% as phosphate by mass) 
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was used as a sequestering agent. The stock solutions of borate, bicarbonate, and phosphate 
buffers (1 M each) were adjusted to pH 7.5 with sodium hydroxide or sulfuric acid, and a 
stock solution of boric acid buffer (1 M) at pH 6.2 was also prepared. Pre-formed ferric 
hydroxide solution (0.25 g/L as Fe) was prepared with ferric chloride hexahydrate by the 
method of Davis et al (2001). The stock solution of ferric chloride (1.0 g/L as Fe) was 
prepared freshly before use. All aqueous solutions were prepared with ultrapure water 
produced by a Milli-Q system (Advantage A10, Millipore, Billerica, MA). 
2.2.2 Ferrate(VI) Decomposition in Deionized and Natural waters 
Two doses of Fe(VI), 25 and 50 µM, were chosen based on preliminary batch experimental 
results demonstrating their effectiveness in treating drinking water sources (data not 
shown). Two pHs, 6.2 and 7.5, were chosen to bracket the common pH range for 
coagulation in conventional water treatment processes. Fe(VI) decomposition was initiated 
by adding a weighed amount of K2FeO4 to 1 L of buffered DI or natural waters under rapid 
mixing at 20 ℃. Samples were withdrawn at appropriate time intervals and the Fe(VI) 
concentrations were determined immediately using the ABTS method with absorbance at 
415 nm (Lee et al., 2005). At least two sets of tests were conducted under each experimental 
condition, and the calculated reaction rate constants reported in this study represent the 
averaged results when the mean had a 5% relative standard deviation (RSD) or less. For 
experiments involving the addition of ferric solids, either ferric chloride or pre-formed 
ferric hydroxide was added to the buffered waters with pH quickly adjusted back to 7.5, 
and then Fe(VI) was dosed immediately. Care was taken to minimize the time interval 
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between dosing of ferric chloride and Fe(VI). Natural waters used in this study were all 
source waters collected prior to treatment from the following communities: Bolton, VT; 
Palmer, MA; Houston, TX; Readsboro, VT; and New York City (NYC), NY. Table 2.1 
shows the major chemical characteristics of the waters. Specific ultraviolet absorbance 
(SUVA) was calculated from UV absorbance at 254 nm (UV254, m
-1) divided by the 
dissolved organic carbon (DOC) concentration. Total organic carbon (TOC) and dissolved 
organic carbon (DOC) concentrations were determined with a TOC-VCPH  total organic 
carbon analyzer (Shimadzu Corp., Kyoto, Japan). Ultraviolet absorbance at 254 nm 
(UV254) was measured using a Genesys 10S UV-Vis spectrophotometer (Thermo 
Scientific, Waltham, MA). Samples were filtered with glass fiber filters (GF/F) with an 
effective size cut-off of 0.7 µm (Whatman, Clifton, NJ) for DOC and UV254 measurements. 
Table 2.1 Raw Water Characteristics 
Sample Location TOC  DOC  UV254  SUVA  pH 
(mg/L) (mg/L) (cm-1) (L/mg/m) 
Bolton, VT 5.9 5.2 0.215 4.2 6.6 
Palmer, MA 2.0 2.0 0.092 4.6 6.5 
Houston, TX 6.6 6.5 0.221 3.4 7.3 
Readsboro, VT 2.0 2.0 0.119 5.9 6.0 
NYC, NY 1.4 1.1 0.030 2.7 6.7 
2.2.3 Fractionation and Relative Iron Fraction Determination 
Fractionation was conducted by passing samples through membranes with different pore 
sizes, such as glass fiber filters (GF/F, effective size cut-off of 0.7 µm, Whatman, Clifton, 
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NJ), Nuclepore Track-Etched membranes (0.2 µm, Whatman, Clifton, NJ), and 
ultrafiltration (UF) membranes with nominal molecular weight cut-off of 30 kDa (Amicon, 
Beverly, MA). Ultrafiltration was performed with stirred 200 mL Amicon UF cells, and 
the nitrogen pressure was maintained at 50 psi. Sequential filtration started with GF/F, and 
permeate was collected for subsequent filtration with a 0.2-µm membrane and then 
ultrafiltration. Iron concentration was determined using a HACH DR2700 Pocket 
Colorimeter (Hach, Loveland, Colorado). This sequential filtration process resulted in four 
iron fractions, i.e., large particles (LP), small particles (SP), colloidal and dissolved iron. 
Iron existing as large particles (LP) was operationally defined as the total iron 
concentration in the sample minus the iron concentraion of the filtrate passing through the 
GF/F filter. Similarily, iron characterized as small particles (SP) was the iron concentration 
of the GF/F filtrate minus the iron concentration of the filtrate passing through the 0.2-µm 
membrane. Iron in the colloidal form was the iron concentraion of the 0.2-µm membrane 
filtrate minus the iron concentraion of the permeate passing through the ultrafilter. Finally, 
the dissolved iron concentration was simply the iron concentration of the UF permeate. 
2.2.4 Kinetic Simulation 
AQUASIM, which is a computer program for the identification and simulation of aquatic 
systems, was used to simulate Fe(VI) decomposition in different solutions. 
11 
 
2.3 Results and Discussion 
2.3.1 Homogeneous Ferrate(VI) Decomposition in Phosphate-Buffered DI water 
Fe(VI) decomposition was carried out in phosphate-buffered DI water at different 
phosphate doses. At pH 7.5, second-order kinetics with respect to Fe(VI) can be used to 





2   (eq. 2.1) 
Figure 2.1 shows that the second-order rate constant (k2nd) had a positive linear relationship 
with the total phosphate concentration (eq. 2.2).  
k2nd = ko + kp×[phosphate]T    (eq. 2.2) 
where ko = 11.20 M
-1 s-1 and kp = 0.63 [mM·phosphate]-1M-1s-1. This was in agreement with 
Carr’s observation that Fe(VI) decomposition was subject to catalysis by 
dihydrogenphosphate ion (Carr et al., 1985). In addition, Lee et al (2014) described a 
second-order self-decay of Fe(VI) in 10 mM phosphate solution, and their estimated kapp-
self at pH 7.5 was 18.7 M
-1 s-1 (at 24 ºC), which agreed very well with our k2nd, 18.1 M
-1 s-1 
(experimental value) or 17.5 M-1 s-1 (regression value), obtained for 10 mM of phosphate 




Figure 2.1 Second-order rate constants of Fe(VI) decomposition in the presence of 
different concentrations of phosphate. Experimental conditions: pH = 7.5; T = 20 ºC; 
50 µM of Fe(VI). 
2.3.2 Heterogeneous Ferrate(VI) Decomposition in Borate-Buffered DI water 
In contrast with our phosphate buffer tests, Fe(VI) decomposition in borate-buffered 
solutions showed signs of both homogeneous (second order) and heterogeneous reactions. 
A mixed first- and second-order reaction with respect to Fe(VI) can be used to describe the 
total Fe(VI) decomposition in the absence of phosphate (eq. 2.3). The reason that the 





2 + 𝑘H[Fe(VI)]   (eq. 2.3) 




= 2(𝑘o+ 𝑘p × [phosphate]T)[Fe(VI)]
2 + 𝑘H[Fe(VI)] 
Since [phosphate]T = 0, 
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2 + 𝑘H[Fe(VI)]        (eq. 2.4) 
Equation (2.4) was used to model Fe(VI) decomposition in the absence of phosphate for 
all later studies, and the value of kH was estimated with the help of AQUASIM by 
minimizing the sum of the squares of the weighted deviations between measured and 
calculated Fe(VI) residual. As the initial Fe(VI) concentration (intended to be 50 or 25 µM) 
was not always known with high accuracy, the initial Fe(VI) concentration ([Fe(VI)]o) was 
treated as an additional parameter to be estimated by the program. Figure 2.2 shows the 
measured and simulated Fe(VI) decomposition in borate-buffered DI water at pH 6.2 and 
7.5. Fe(VI) decomposition at pH 6.2 was much faster than that at pH 7.5, which was in 
agreement with previous studies. At pH 6.2, apparent Fe(VI) concentrations from both 
doses quickly approached low, but non-zero concentrations, whereas in fact, Fe(VI) should 
completely decompose and leave no Fe(VI) residuals under that condition. The persistent 
attenuation of light in the ABTS test is attributed to light scattering from particulate and 
colloidal iron, and not residual Fe(VI). Note that the Fe(VI) concentrations shown in the 
figures of this study were all expressed as apparent ferrate concentration which was 
calculated using the absorbance at 415 nm and might be slightly higher than the actual 
Fe(VI) concentrations due to this light scattering. As the purity of the potassium ferrate 
(K2FeO4) used in this study is 87%, the actual Fe(VI) doses for 50 and 25 µM were 43.3 
and 21.6 µM, respectively, which agreed very well with the initial Fe(VI) concentrations 
estimated by AQUASIM (see Figure 2.2). In addition, 50 µM of Fe(VI) decomposed faster 
than 25 µM. At pH 7.5, the estimated first-order rate constant 𝑘H for 25 and 50 µM doses 
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of Fe(VI) were 1.88×10-3 and 4.45×10-3 s-1, respectively. The higher rate constant obtained 
for the higher Fe(VI) dose suggests an auto-catalytic reaction. One possible explanation 
might be catalysis from Fe(VI) decomposition products. More decomposition products 
(assumed to be particulate phase Fe(III)) produced with the higher Fe(VI) dose would 
account for the higher decomposition rate constant. To investigate this, two aspects were 
further studied: 1) the impact of solution chemistry, including different solutes in DI water 
and NOM in natural waters, that may affect the nature of the Fe(III) particulate phase as it 
is formed from Fe(VI) decomposition, and 2) the impact of adding particulate phase Fe(III) 
on Fe(VI) decay. Note that due to the very fast decomposition of Fe(VI) at pH 6.2, all later 
studies were carried out at pH 7.5.  
 
Figure 2.2 Fe(VI) decomposition in borate-buffered DI water. The symbols represent 
the measured data and the lines represent the modeled Fe(VI) decomposition results. 
Experimental conditions: T = 20 ºC, 10 mM of borate, 25 or 50 µM of Fe(VI). 
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pH 7.5, Fe(VI) 50 M
pH 7.5, Fe(VI) 25 M
pH 6.2, Fe(VI) 50 M
pH 6.2, Fe(VI) 25 M
15 
 
2.3.3 Effect of Different Solutes on Ferrate(VI) Decomposition in DI Water 
If Fe(VI) decomposition products can accelerate Fe(VI) decomposition, then any solute 
that can hinder this catalytic effect is expected to retard Fe(VI) decomposition. Since ferric 
hydroxide is assumed to form from the decomposition of Fe(VI), the effect of different 
solutes capable of complexing with ferric hydroxide was studied. 
First, Fe(VI) decomposition in phosphate-buffered DI water was compared to that in 
borate-buffered DI water at pH 7.5. Figure 2.3 shows that Fe(VI) decomposed much more 
slowly in the phosphate buffer than in the borate buffer. The presence of phosphate can 
inhibit the growth of iron colloids, and for related reasons phosphate is expected to occupy 
reactive surface sites on iron oxide solids that would otherwise catalyze Fe(VI) 
decomposition. To further explore the different effects of phosphate and borate buffers on 
Fe(VI) decomposition, iron from Fe(VI) auto-decay in borate- and phosphate- buffered DI 
waters was characterized using the size fractionation protocol. For comparison, the same 
experiment was conducted using ferric chloride as the source of iron. Figure 2.4 shows that 
with the borate buffer, iron products from Fe(VI) and ferric chloride were both dominated 
by large particles, whereas in the phosphate buffer, dissolved and colloidal iron were the 
dominant forms. Phosphate clearly had a sequestration effect on Fe(III), which hindered 
the growth of Fe(III) particles. This was true especially for Fe(VI), where 92% of the iron 
remained as dissolved species. This supports the contention that the catalytic effect of 
Fe(VI) decomposition products on Fe(VI) decay is due to heterogeneous reactions and the 
inhibitory effect of phosphate is because of its ability to sequester or complex the iron. 
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Furthermore, the predominance of dissolved iron in the Fe(VI)/phosphate test (Figure 2.4) 
suggests that phosphate does not exclusively derive its inhibitory effect by its ability to 
form surface complexes on the colloidal or particulate iron oxides. This points to 
sequestration as a likely mechanism as phosphate clearly inhibited the formation of iron 
colloids and solids. Also, the nature of the iron precipitate from Fe(VI) decomposition 
should be different from that of freshly-precipitated ferric hydroxide from ferric chloride 
solutions. In addition, the second-order rate constant k2nd for Fe(VI) decomposition in the 
presence of 10 mM phosphate was almost the same (19.6 and 18.1 M-1s-1, respectively) for 
both Fe(VI) doses (25 and 50 µM), suggesting that Fe(VI) decomposition occurs though a 
simple homogeneous 2nd order mechanism when iron is not allowed to precipitate. 
 
Figure 2.3 Fe(VI) decomposition in phosphate-buffered DI water (10 mM of 
phosphate) in comparison with that in borate-buffered DI water (10 mM of borate). 
The symbols represent the measured data and the lines represent the modeled Fe(VI) 





































Borate buffer 10 mM, Fe(VI) 50 M
Borate buffer 10 mM, Fe(VI) 25 M
Phosphate buffer 10 mM, Fe(VI) 50 M




Figure 2.4 Relative iron fractions after Fe(VI) decomposition in borate- or phosphate-
buffered DI water in comparison with that of ferric chloride in similarly buffered DI 
waters. Experimental conditions: pH = 7.5, T = 20 ºC, 3 mg/L (as Fe) of Fe(VI) or 
ferric chloride, 10 mM of borate or 2 mM of phosphate. 
To further demonstrate that Fe(VI) decomposition follows second-order homogeneous 
kinetics as long as the decomposition products are sequestrated, Fe(VI) decomposition was 
studied in the presence of a commercial zinc polyphosphate sequestering agent (Carus 
3350; see Figure 2.5). Fe(VI) decomposition in the presence of different doses of 
polyphosphate resulted in approximately the same 2nd order rate constant value (18.6, 15.7, 
and 16.5 M-1s-1, respectively, for 4, 8, and 16 mg/L of Carus 3350) as found for the 
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Figure 2.5 Fe(VI) decomposition in borate-buffered DI water containing varied 
concentrations of Carus 3350 (66.9% as PO43-). The symbols represent the measured 
data and the lines represent the modeled Fe(VI) decomposition results. Experimental 
conditions: pH = 7.5; T = 20 ºC; 50 µM of Fe(VI); 10 mM of borate. 
If complexation and sequestration are the inhibitory mechanisms, other solutes that can 
complex with Fe(VI) decomposition products would be expected to retard Fe(VI) 
decomposition. The first-order decomposition rate constant kH was also estimated by 
AQUASIM for Fe(VI) decomposition in different doses of borate and bicarbonate solutions 




 at t = 0 when [Fe(VI)]o = 50 µM, using eqs 2.1, 2.2, and 2.4) was 
calculated for Fe(VI) decomposition in the presence of different concentrations of borate, 
phosphate, and bicarbonate (see Figure 2.6). Concentrations below 2 mM were not 
investigated because of the inherent difficulty in controlling solution pH under such low 
buffer intensities. The relative initial Fe(VI) decomposition rate should also reflect the 
relative decomposition rate in the presence of different solutes during the whole Fe(VI) 
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decay, since only Fe(VI) concentration changes over time in the rate expressions (eqs 2.1, 
2.2, and 2.4). Phosphate showed nearly complete inhibition across the entire concentration 
range, whereas bicarbonate and borate were less effective at suppressing Fe(VI) 
decomposition, especially at low buffer concentrations. The stabilizing effects of different 
solutes on Fe(VI) are in the following order: phosphate > bicarbonate > borate. Sulfate and 
chloride had no significant stabilizing effect (data not shown). Phosphate was reported to 
show higher binding affinity to iron oxides than carbonate and sulfate (Rahnemaie et al., 
2007), so the above-noted order should also reflect the ability of the solutes to complex 
with Fe(VI) decomposition products. The reason that borate is the most frequently-used 
buffer in this study is that its stabilization effect on Fe(VI) is the lowest among the three 
buffers, although borate is known to adsorb to amorphous iron oxide (Goldberg and 
Glaubig, 1985), suggesting it has some ability to hinder Fe(VI) decomposition. Su and Puls 
(2001) studied the effects of phosphate, carbonate, borate, and sulfate relative to chloride 
on arsenate and arsenite removal by zerovalent iron, and due to competitive adsorption of 
the anions on the iron surface (surface complexation), phosphate caused the greatest 
decrease in the As removal rate, followed by carbonate, whereas borate and sulfate caused 
slight inhibition to As removal. The order was in agreement with our experimental results. 
The second-order rate constant of Fe(VI) decomposition with phosphate present increased 
with the studied phosphate dose (see Figure 2.1), which indicates that if the phosphate dose 
is higher than what is needed to sequester Fe(VI) decomposition products, further 
increasing the phosphate dose could accelerate Fe(VI) decomposition. Carr et al. (1985) 
concluded that Fe(VI) decomposition was catalyzed by dihydrogenphosphate ion based on 
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a higher Fe(VI) decomposition rate obtained with a higher phosphate dose, but did not 
consider the overall stabilization effect of phosphate on Fe(VI) compared to other buffer 
solutes, especially at low buffer concentrations. Note that the phosphate concentrations 
tested in this study were higher than those normally present in natural waters (lakes with 
total phosphorus concentration higher than 0.1 mg/L are categorized as highly eutrophic), 
but low concentrations of phosphate in natural waters would still be expected to retard 
Fe(VI) decomposition as we observed that lower phosphate concentration had a greater 
stabilization effect on Fe(VI). 
 
Figure 2.6 Initial Fe(VI) decomposition rate in the presence of different solutes. The 
symbols represent the calculated rate and the lines connect sets of data points to show 
trends. Experimental conditions: pH = 7.5, T = 20 ºC, 50 µM of Fe(VI). 
2.3.4 Ferrate(VI) Decomposition and Exposure (CT Product) in Natural Waters 
Several sets of tests were also carried out in natural waters to study the effect of natural 
organic matter (NOM) on Fe(VI) decomposition. NOM was expected to cause faster 
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decomposition of Fe(VI) through redox reactions, however, Figure 2.7 shows that natural 
waters actually had a stabilizing effect on Fe(VI) compared to borate-buffered DI water. 
The reason that Fe(VI) decomposed slower in natural waters might be that NOM, like 
phosphate, can inhibit the catalytic effect of Fe(VI) decomposition products by altering the 
precipitate’s surface area or by coating the surface of the precipitate. Goodwill et al. (2015) 
observed significantly smaller particles from Fe(VI) decomposition in natural water as 
compared to those in DI water, suggesting the stabilizing mechanism of NOM was similar 
to that of phosphate. In addition, the carbonate alkalinity of natural waters could also 
contribute to the slower decomposition of Fe(VI). To determine the contribution of 
carbonate alkalinity, a subsample of the Bolton water was pre-acidified to pH < 2 with 
intense mixing to remove carbonate alkalinity, and then the water was brought back to pH 
7.5 with 0.1 M sodium hydroxide solution before adding the borate buffer (pH = 7.5). 
Fe(VI) decomposition in this carbonate-free Bolton water is also shown in Figure 2.7. 
Fe(VI) decomposition was clearly faster with the carbonate alkalinity removed, which 
demonstrates that carbonates did contribute significantly to the suppressed Fe(VI) 
decomposition in natural waters, similar to the observed effect of carbonate in DI water 
(see Figure 2.6). Fe(VI) decomposition in the natural waters may also be influenced by 
some direct reactions between NOM and Fe(VI) considering the ability of Fe(VI) to 
decrease DBP formation potential and the faster Fe(VI) decomposition in the natural waters 
than that in phosphate-buffered DI water (see Figure 2.7). In addition, the lower estimated 
initial Fe(VI) concentrations by AQUASIM in some natural waters than those in DI water 
might be caused by some rapid reactions between Fe(VI) and NOM in the natural waters. 
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As a result, Fe(VI) decomposition in the natural waters could still be simulated by eq. 2.4 
because the redox reaction between Fe(VI) and NOM is so fast that it is completed almost 
instantly after dosing of Fe(VI) and the loss of Fe(VI) is due to Fe(VI) self-decay 
afterwards. 
 
Figure 2.7 Fe(VI) decomposition in borate-buffered natural waters in comparison 
with that in borate- and phosphate- buffered DI water. The symbols represent the 
measured data and the lines represent the modeled Fe(VI) decomposition results. 
Experimental conditions: pH = 7.5, T = 20 ºC, 50 µM of Fe(VI), 10 mM of borate or 
phosphate. 
Calculated Fe(VI) (50 µM) exposures for 40 minutes at pH 7.5 in the natural waters 
were 21.2, 31.7, 28.7, 26.2, and 25.3 mg-Fe·min/L for Bolton, Palmer, Houston, 
Readsboro, and NYC waters, respectively. Hu et al. (2012) found Fe(VI) could inactivate 
bacteriophage MS2 at a modest CT product (~4.0 mg-Fe·min/L). Provisional results 
showed that Fe(VI) exposures of 1.9, 3.5, and 21 mg-Fe·min/L at pH 7.0 could achieve 2-
log inactivation of Escherichia coli (E. coli, 5 ºC), Vibrio cholerae (V. cholerae (rugose), 
20−25 ºC), and Giardia (25 ºC), respectively (Boczek and Elovitz). Our results showed 
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that CT products of this magnitude can be readily achieved with realistic Fe(VI) doses and 
relatively short contact times in natural waters. 
2.3.5 Effect of Added Particulate Phase Fe(III) on Ferrate(VI) Decomposition in 
Water. 
To investigate the effect of Fe(VI) decomposition products (assumed to be a Fe(III) solid 
phase) on Fe(VI) decomposition in a direct way, ferric chloride was spiked into borate-
buffered DI water at pH 7.5 immediately prior to dosing of Fe(VI). In this case (Figure 
2.8), Fe(VI) decomposition was accelerated in the presence of the freshly-dosed ferric 
chloride although no significant differences in decomposition rates were observed for 
different ferric iron doses of 1 to 4 mg/L. The ferric iron added was assumed to form ferric 
hydroxide (Fe(OH)3(s)) almost instantly in water at pH 7.5. 
 
Figure 2.8 Fe(VI) decomposition in borate-buffered DI water containing varied 
concentrations of ferric chloride. The symbols represent the measured data and the 
lines represent the modeled Fe(VI) decomposition results. Experimental conditions: 
pH = 7.5; T = 20 ºC; 50 µM of Fe(VI); 10 mM of borate. 
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The ferric hydroxide assumed to be formed from the decomposition of Fe(VI) may 
similarly catalyze Fe(VI) decomposition. To investigate this, 50 µM of Fe(VI) (2.8 mg/L 
as Fe) was dosed into borate-buffered DI water at pH 7.5 and allowed to decompose for 
more than an hour, at which time residual Fe(VI) could no longer be detected. Then, a 
second 50 µM dose of Fe(VI) was applied to this water and the decay of Fe(VI) was 
monitored. In addition, a parallel experiment was conducted where Fe(VI) was added to a 
freshly-dosed ferric chloride (2.8 mg/L as Fe) solution. Figure 2.9 shows that Fe(VI) 
decomposition in water containing pre-decomposed Fe(VI) solids was not faster than that 
in DI water, whereas Fe(VI) decay was faster in the presence of solids from freshly-
precipitated ferric iron. Prucek et al. (2013) observed that γ-Fe2O3 nanoparticles were 
formed in situ during Fe(VI) treatment of arsenic-bearing water. The lack of a catalytic 
effect of Fe(VI) decomposition solids aged for more than 1 hour might be the result of 
aggregation of nanoscale decomposition products forming larger particles, whose specific 
surface area and therefore catalytic ability are lower than those of the initial nanoparticles 
from Fe(VI) decay or freshly-precipitated ferric hydroxide. Other morphological changes, 
e.g., crystallization, might have also taken place and caused the lack of a catalytic effect 





Figure 2.9 Effect of pre-decomposed Fe(VI) in comparison with that of freshly-dosed 
ferric chloride on Fe(VI) decomposition in borate-buffered DI water. The symbols 
represent the measured data and the lines represent the modeled Fe(VI) 
decomposition results. Experimental conditions: pH = 7.5, T = 20 ºC, 50 µM of Fe(VI), 
10 mM of borate. 
To further investigate the impact of particulate phase Fe(III) on the catalysis of Fe(VI) 
decomposition, a set of experiments was conducted with aged (pre-formed) ferric 
hydroxide and freshly-formed ferric hydroxide, both prepared using ferric chloride. Figure 
2.10 shows that after aging for 12−16 hours, pre-formed ferric hydroxide only slightly 
accelerated Fe(VI) decomposition, whereas solids from freshly-dosed ferric chloride had a 
strong catalytic effect. 
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Figure 2.10 Effect of aged ferric hydroxide in comparison with that of freshly-formed 
ferric hydroxide on Fe(VI) decomposition in borate-buffered DI water. The symbols 
represent the measured data and the lines represent the modeled Fe(VI) 
decomposition results. Experimental conditions: pH = 7.5, T = 20 ºC, 50 µM of Fe(VI), 
10 mM of borate. 
The reason that the heterogeneous Fe(VI) decomposition can be described by a single, 
constant first-order term (kH[Fe(VI)]) might be that only freshly-precipitated iron solids 
can catalyze Fe(VI) decomposition. Although more iron solids are formed as Fe(VI) 
decays, this is mitigated by rapid maturing (aging) of the solid phase or aggregation which 
causes the rapid decrease in specific surface area. The net result seems to be a relatively 
constant overall surface activity for catalyzing Fe(VI) decomposition (this activity is 
included in the pseudo first-order rate constant kH). Nevertheless, the use of simple first-
order kinetics to describe heterogeneous Fe(VI) decomposition is clearly a simplification 
as the precipitate surface does change with time. It would be helpful to have a more 
fundamental model explicitly incorporating changes in specific surface area and surface 
reactivity, but the data presented here cannot support such a model. The estimated pseudo 
first-order rate constant kH for all conditions shown in Figures 2.7−2.10 are summarized in 
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Table 2.2. The value of kH was affected by water qualities (e.g., NOM and bicarbonate) 
and the age of Fe(III) solids. 
Table 2.2 The estimated first-order heterogeneous Fe(VI) decomposition rate 
constant k1 under varied conditions. Experimental conditions: pH = 7.5; T=20 ºC; 
50 µM of Fe(VI); 10 mM of borate. 
 Added Iron Concentration  
(mg/L as Fe) 
k1×10
3 (s-1) 
DI water  4.4 
Bolton, VT  1.9 




Palmer, MA  0.7 
Houston, TX  0.8 
Readsboro, VT  1.4 
NYC, NY  1.3 
DI, pre-decomposed Fe(VI)  2.8 4.0 
DI, fresh ferric chloride  2.8 12 









The effect of dosing freshly-precipitated ferric hydroxide from ferric chloride on 
Fe(VI) decomposition was also tested on raw water from the NYC system. Figure 2.11 
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shows that the Fe(VI) decomposition rate in NYC water increased with increasing ferric 
chloride dose, in contrast to the results for DI water where there were no significant 
differences in Fe(VI) decomposition rate among the various ferric chloride doses (see 
Figure 2.8). This is probably due to the NOM in the NYC water coating the ferric hydroxide 
surfaces when the Fe/NOM ratio is low (i.e., low FeCl3 dose), whereas there should be 
more unaffected iron hydroxide surface area in the higher dosed waters. Thus the requisite 
ferric chloride dose to achieve the same catalytic effect on Fe(VI) decomposition was 
higher for the NYC water than for the DI water. 
 
Figure 2.11 Fe(VI) decomposition in borate-buffered NYC water containing varied 
concentrations of ferric chloride. The symbols represent the measured data and the 
lines connect sets of data points to show trends. Experimental conditions: pH = 7.5; T 
= 20 ºC; 50 µM of Fe(VI); 10 mM of borate. 
2.4 Implications for Water Treatment 
The results of this study indicate that freshly created particulate Fe(III) catalyzes the decay 
of Fe(VI) as indicated by: 1) the increased first-order heterogeneous Fe(VI) decay rate 
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constant (kH) for higher initial Fe(VI) concentration in the presence of a ligand that weakly 
binds to Fe(III) solids, 2) the increased rate of Fe(VI) decay due to freshly formed ferric 
hydroxide resulting from ferric chloride dosing to borate-buffered DI and natural waters as 
compared to decay without the fresh ferric particles, and 3) the decreased rate of Fe(VI) 
decay when phosphate, and other ligands that complex with particulate Fe(III), such as 
bicarbonate and NOM, hinder formation of Fe(III) particles, as compared to decay in the 
presence of a less strongly complexed ligand (borate). Aging of particulate Fe(III), both 
when formed from Fe(VI) decay and when formed from ferric chloride precipitation, 
eliminates or greatly decreases the catalytic impact of the Fe(III) particulate phase. These 
results have implications for understanding heterogeneous Fe(VI) decomposition in natural 
waters and Fe(VI) exposure (i.e., CT) during water treatment. Solutes capable of forming 
dissolved complexes with iron or coating iron surfaces seem to increase the stability of 
Fe(VI) and therefore extend CT for a particular ferrate dose. Direct reaction of NOM with 





BROMIDE OXIDATION BY FERRATE(VI): THE FORMATION OF ACTIVE 
BROMINE AND BROMATE 2 
3.1 Introduction 
Ferrate (VI) (abbreviated as Fe(VI)), is a powerful oxidant and disinfectant that has been 
proposed for use in drinking water treatment for many years. Under acidic conditions, the 
oxidation-reduction potential of Fe(VI) is higher than many commonly-used oxidants in 
water treatment (Sharma, 2002; Wood, 1958). Also, the end products of Fe(VI) 
decomposition are ferric iron (Fe(III) solids), which may play important roles in subsequent 
water treatment processes such as adsorption and coagulation (Jiang and Wang, 2003; 
Goodwill et al., 2015; Prucek et al., 2013). Unlike other alternative oxidants, Fe(VI) has 
long been considered as a green oxidant that does not produce any known hazardous 
byproducts (e.g., no halogenated disinfection byproducts (DBPs), bromate or chlorite; 
Sharma, 2010). 
Fe(VI) exhibits highly pH-dependent chemistry and reactivity, and it exists in four 
protonated states in water with pKa’s of 1.6, 3.5, and 7.3 (Licht et al., 2001). It has been 
                                                 
2 Modified from originally published version (Jiang, Y., Goodwill, J.E., Tobiason, J.E., Reckhow, D.A., 2016. 




proposed that Fe(VI) oxidizes dissolved compounds in water via one-electron or two-
electron transfer steps, forming perferryl (Fe(V)) and ferryl (Fe(IV)) species as the initial 
Fe(VI) oxidation intermediates (Sharma, 2010a). Fe(V) exhibits three to six orders of 
magnitude higher reactivity with many compounds than Fe(VI) (Virender K. Sharma, 2013, 
2011). Fe(IV) species are also more reactive than Fe(VI) (Sharma et al., 2001b). Therefore, 
Fe(V) and Fe(IV) species, although short lived, may enhance the oxidation of compounds 
that are less reactive with Fe(VI).  
To determine the Fe(VI) concentration in aqueous solutions, there are two commonly-
used methods. First is the direct spectrophotometric method (510 nm). This method is 
simple, convenient, and especially appropriate for kinetic studies using phosphate buffers. 
One disadvantage is ferrate’s relatively low and pH-variable molar absorptivity (Lee et al., 
2005; Rush et al., 1996). More importantly, the Fe(III) precipitates that are generated from 
Fe(VI) decomposition can cause significant errors in optical monitoring of the solution 
(Carr et al., 1985; Lee et al., 2005), leading to widespread use of phosphate buffers to 
sequester the ferric iron. The second method employs ABTS (2,2’-azino-bis(3-
ethylbenzothiazoline-6-sulfonate)) which reacts quantitatively with Fe(VI) forming a green 
radical cation (ABTS·+) that can be measured spectrophotometrically at 415 nm. This 
method has higher accuracy, lower detection limit, and can be used without complexing 
reagents such as phosphate (Lee et al., 2005). However, this method is not specific to Fe(VI) 
itself because ABTS can also be oxidized by many other oxidants (e.g., HOCl and HOBr; 
Pinkernell et al., 2000). 
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The formation of bromate in bromide-containing waters is well known to occur when 
ozone is used as an oxidant/disinfectant, a fact that limits ozone’s use in high-bromide 
waters. Bromate is a suspected human carcinogen, with a maximum contaminant level 
(MCL) in drinking water of 10 µg/L (U.S. EPA, 1994). The bromide concentration in raw 
drinking waters ranges from a few micrograms per liter to a milligram per liter or more. In 
coastal groundwater, elevated bromide concentrations may occur due to the intrusion of 
seawater (von Gunten and Hoigné, 1994). Although it is often stated in the literature that 
one major advantage of Fe(VI) oxidation over ozonation is that Fe(VI) does not oxidize 
bromide or form bromate, there is little direct published evidence for this. Sharma (2010) 
monitored Fe(VI) decay in phosphate-buffered DI water with and without the presence of 
bromide, and because no differences in Fe(VI) decay rate were observed between the two 
cases, Fe(VI) was not considered to have reacted with bromide. In that study, the test waters 
were buffered with phosphate so as to be compatible with the direct spectrophotometric 
method for Fe(VI). However, phosphate has been shown to retard Fe(VI) decay by 
complexing with Fe(VI) decomposition products (Jiang et al., 2015). For similar reasons, 
phosphate might also be interfering with ferrate’s reactivity toward bromide. Also, this 
evidence is indirect as oxidized bromine species (i.e., bromate or active bromine 
(HOBr/OBr−)) were not measured. 
The objectives of this current study were (1) to determine whether Fe(VI) could oxidize 
bromide by direct methods, i.e., measuring the oxidation products, active bromine and 
bromate; (2) to investigate the factors that affect the oxidation of bromide by Fe(VI) in an 
effort to clarify the mechanism; and (3) to evaluate whether the formation of total organic 
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bromine (TOBr) and bromate would pose a problem for Fe(VI) application in drinking 
water treatment. 
3.2 Materials and Methods 
3.2.1 Chemicals and reagents 
High-purity (~98%) potassium ferrate (K2FeO4), reagent-grade sodium borate 
decahydrate, sodium phosphate dibasic, ferric chloride hexahydrate, 2,2’-azino-bis(3-
ethylbenzothiazoline-6-sulfonate) (ABTS), horseradish peroxidase (HRP), para-
chlorobenzoic acid (pCBA), tetranitromethane (TNM), 4-bromo-2,6-dimethylphenol, and 
2,6-dimethylphenol were purchased from Sigma-Aldrich (St. Louis, MO, USA) or Fisher-
Scientific (Austin, TX, USA). The stock solutions of borate and phosphate buffers (1 or 
0.2 M) were adjusted to pH 6.2 or 7.5 with 0.1 M sodium hydroxide or sulfuric acid. All 
aqueous solutions were prepared with laboratory-grade deionized water (DI) produced by 
a Milli-Q system (Advantage A10, Millipore, Billerica, MA). 
3.2.2 Conventional water quality analyses 
The concentrations of total organic carbon (TOC) and dissolved organic carbon (DOC) 
were measured using a TOC-VCPH total organic carbon analyzer (Shimadzu Corp., Kyoto, 
Japan). Ultraviolet absorbance at 254 nm (UV254) was determined with a Genesys 10S 
UV−vis spectrophotometer (Thermo Scientific, Waltham, MA). Samples were filtered with 
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fine glass fiber filters (GF/F) with an effective size cutoff of 0.7 μm (Whatman, Clifton, 
NJ) for DOC and UV254 measurements. 
3.2.3 Selection and characteristics of natural water 
When needed, natural water samples were collected from a drinking water reservoir in New 
York State (NYS) having water quality characteristics typical of many northeastern US 
water supplies. The concentrations of total organic carbon (TOC) and dissolved organic 
carbon (DOC) in this natural water were 1.4 and 1.1 mg/L, respectively. The specific 
ultraviolet absorbance (SUVA) was determined to be 2.7 L/mg/m and the bromide 
concentration of 10.6 µg/L. Waters such as this one with medium-level SUVA values (2−4 
L/mg/m) probably contain a mixture of hydrophobic and hydrophilic, and high and low 
molecular weight (MW) natural organic matter (NOM; Edzwald and Tobiason, 1999). 
Prior work has shown that bromine is more reactive with hydrophilic and low MW NOM 
fractions (Hua and Reckhow, 2007a; Kitis et al., 2002), whereas strong oxidants such as 
ozone have been observed to be most highly reactive with hydrophobic NOM (Hua and 
Reckhow, 2013). Therefore, moderate SUVA waters such as this one may not behave in 
the same way as waters with high SUVA. Nevertheless, we feel that this natural water 
represents a good example for study of the effects of Fe(VI) on bromide oxidation, because 




3.2.4 Ferrate oxidation procedure 
Fe(VI) reaction was initiated by adding a weighed amount of K2FeO4 under rapid mixing 
at 20 ºC to 1 L of buffered deionized water (DI) or natural waters containing varied 
concentrations of bromide. The Fe(VI) dose used for all experiments in this study was 50 
µM (i.e., 2.8 mg/L as Fe). The pH was monitored and adjusted by dropwise addition of 
sodium hydroxide or sulfuric acid solutions. Samples were withdrawn at appropriate time 
intervals and the Fe(VI) concentrations were determined immediately using the ABTS 
method. For the determination of active bromine (i.e., HOBr and OBr−), TOBr, and 
bromate, samples were collected one hour after addition of Fe(VI). This reaction time was 
sufficient for complete depletion of residual ferrate through self-decomposition or reaction 
with solutes. For experiments designed to study the effect of Fe(III) on bromide oxidation 
by Fe(VI), ferric chloride was added to the buffered waters with the pH quickly adjusted 
back to the initial value, and then Fe(VI) was dosed immediately. For experiments to 
determine the formation of bromate and TOBr in the natural water without the presence of 
buffer ions, the pH was adjusted by dropwise addition of 0.1 M sulfuric acid to maintain a 
stable value of either 6.2 or 7.5. 
3.2.5 Quantification of hydrogen peroxide (H2O2), hydroxyl radical (·OH), and 
superoxide anion (O2·−) 
Hydrogen peroxide (H2O2) was determined by the oxidation of ABTS to ABTS·
+ catalyzed 
by horseradish peroxidase (HRP) (the HRP-ABTS method; Kadnikova and Kostić, 2002; 
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Lee et al., 2014). The hydroxyl radical (·OH) concentration was indirectly quantified by 
using para-chlorobenzoic acid (pCBA) as a probe compound. pCBA reacts with ·OH with 
a second-order rate constant of 5×109 M-1 s-1 and it is resistent to oxidation by Fe(VI) or 
other oxidants (Elovitz et al., 1999; Lee et al., 2014). pCBA was analyzed using a high 
performance liquid chromatography–triple quadrupole mass spectrometer (HPLC–MS/MS; 
Waters Corp., Milford, MA) (Vanderford et al., 2007). The superoxide anion (O2·
−) 
concentration was quantified by measuring the formation of the nitroform anion, C(NO2)3
− 
(ε350 nm = 15000 M
-1cm-1), based on the fast reaction between O2·
−and tetranitromethane 
(TNM, k = 2 × 109 M-1 s-1; Flyunt et al., 2003). The detection limits for H2O2, ·OH, and 
O2·
− were 0.02, 0.05, and 0.07 µM, respectively. 
3.2.6 Quantification of active bromine (HOBr/OBr−), total organic bromine (TOBr), 
and bromate 
To determine the concentration of active bromine (HOBr/OBr−), 2,6-dimethylphenol was 
added and the formation of 4-bromo-2,6-dimethylphenol was determined by HPLC–
MS/MS (Alliance and Quattro Micro; Waters Corp., Milford, MA). The method for 
derivatization of active bromine by 2,6-dimethylphenol was developed by Qiang et al. 
(2012). A Luna C18(2) (100 ×2.0 mm, 3 µm) column (Phenomenex, CA) was used at a 
flow rate of 0.2 mL/min (20 ºC) to separate 4-bromo-2,6-dimethylphenol. The solvent 
program was a simple linear gradient starting with 100% A (acetonitrile and water, 65:35, 
v/v) and going to 100% B (100% acetonitrile) in 25 min. This was followed by ESI negative, 
triple quadrupole mass spectrometry. The capillary voltage was maintained at 3.8 kV and 
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the cone voltage was 32 V. The source and desolvation temperatures were 120 and 300 ºC, 
respectively. High-purity nitrogen was used as the nebulizing, desolvation and cone gas. 
The collision energy was 20 eV. The parent and daughter ion masses used for 4-bromo-
2,6-dimethylphenol detection were 201.1 and 80.5, respectively. TOBr was analyzed by an 
adsorption, combustion, and offline ion chromatographic method developed by Hua and 
Reckhow (2006). Bromate was detected by an ultra-preformance liquid chromatography–
triple quadrupole mass spectrometer (UPLC–MS/MS; Waters Corp., Milford, MA). 
Duplicate or triplicate samples were analyzed under each experimental condition, and the 
values reported in this study represent the averaged results when the mean had a 5% relative 
standard deviation (RSD) or less. The detection limits for active bromine, TOBr, and 
bromate were 4, 5, and 0.05 µg/L, respectively. 
3.3 Results and Discussion 
3.3.1 Fe(VI) decomposition in the presence of bromide determined by the ABTS 
method 
In this study, Fe(VI) concentration was measured by the ABTS method which allowed the 
use of borate buffer rather than phosphate and still was able to monitor Fe(VI) decay. 
Figure 3.1 shows Fe(VI) decomposition in the presence of varied concentrations of 
bromide in borate- or phosphate-buffered DI water at pH 6.2 or 7.5. As the ABTS method 
is not exclusive to Fe(VI), the y-axis is denoted as apparent Fe(VI) concentration. At both 
pHs, Fe(VI) decomposed slower in the phosphate buffer than in the borate buffer because 
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the catalytic effect of Fe(VI) decomposition products on Fe(VI) decomposition is strongly 
hindered by phosphate, but little affected by borate (Jiang et al., 2015). Also, Fe(VI) 
decomposed much faster at pH 6.2 than that at pH 7.5. At pH 6.2 in borate, the apparent 
Fe(VI) concentrations dropped sharply during the first minute for all bromide 
concentrations as Fe(VI) decays very quickly at this pH. In all four tests with borate, the 
apparent ferrate concentrations rapidly decreased to a plateau, rather than dropping to zero. 
For the test without bromide, the plateau (after 3 minutes, ca. 3.5 µM) is thought to be 
caused by light scattering from iron particles. In the presence of bromide the apparent 
persistent Fe(VI) residual is much higher and increases with bromide concentration. We 
argue below that this apparent persistent Fe(VI) residual is due to the formation of bromine 
in the +1 oxidation state (i.e., HOBr/OBr−) from the oxidation of bromide, and that this 
active bromine is also capable of oxidizing ABTS (Pinkernell et al., 2000). In contrast, this 
does not appear to occur in the presence of the phosphate buffer. Furthermore, Fe(VI) 
decomposed slightly faster with increasing bromide concentration in the presence of the 
phosphate buffer at both pHs. At pH 7.5 in borate buffer, the apparent Fe(VI) concentration 
decreased faster with increasing bromide concentration during the first three minutes and 
then the value reached a plateau after a reaction time of 10−30 minutes depending on the 
bromide concentration, although the residual concentrations were lower than those at pH 
6.2. It seems that active bromine formed more slowly at pH 7.5, causing the delayed 
appearance of the plateau. For experiments in the phosphate buffer at pH 7.5, the 
aforementioned plateau was not observed and Fe(VI) decomposed slightly faster in the 
presence of elevated bromide concentrations. 
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Sharma (2010) studied Fe(VI) decomposition in the presence of bromide using the 
direct spectrophotometric method, which required use of phosphate to prevent formation 
of iron particles generated from Fe(VI) decomposition. Under these conditions, there were 
no significant differences in Fe(VI) decomposition rate with and without bromide, which 
is generally in agreement with our results for experiments conducted in a phosphate buffer. 
It was therefore concluded that Fe(VI) could not oxidize bromide. It should be noted that 
in the current study some small increases in the rate of loss of Fe(VI) were observed at high 
bromide levels with phosphate when using the ABTS method (see Figure 3.1) and also 
when using the direct spectrophotometric method (only at the higher pH, see Figure A.1 in 
Appendix). As previously mentioned, the impact of bromide on the loss of Fe(VI) in borate 
buffer was much clearer. 
The concentration of active bromine remaining after Fe(VI) oxidation can be estimated 
using the persistent apparent Fe(VI) residual. For example, the apparent residual after 
Fe(VI) decomposition in borate-buffered DI water containing 200 µM (16 mg/L) of 
bromide at pH 6.2 was about 16 µM (see Figure 3.1a). In the absence of bromide, the 
apparent minimum light attenuation (presumed to be caused by light scattering from iron 
particles) corresponded to about 3.5 µM of Fe(VI) at pH 6.2 (see Figure 3.1a, borate buffer 
without bromide). Assuming this same light scattering occurs at the high bromide levels, 
the apparent Fe(VI) residual attributed to active bromine would be about 12.5 µM. From 
this the active bromine (HOBr/OBr−) is estimated to be 6.25 µM based on the 1:2 reaction 
stoichiometry between active bromine and ABTS and the 1:1 reaction stoichiometry 




Figure 3.1 Fe(VI) decomposition in the presence of varied concentrations of bromide 
in borate- or phosphate-buffered DI water at (a) pH 6.2 and (b) pH 7.5, determined 
by the ABTS method. The symbols represent the measured data and the lines connect 
sets of data points to show trends. Experimental conditions: T = 20 ºC, 10 mM of 
borate or 2 mM of phosphate buffer, 50 µM of Fe(VI). 
The effect of phosphate on the formation of active bromine was further clarified by 
monitoring ABTS oxidation in the presence of 50 µM of Fe(VI), 200 µM of bromide, and 
varied concentrations of phosphate. Figure 3.2a shows that the Fe(VI) decomposition rate 
(i.e., drop in the first few minutes) and also the apparent persistent Fe(VI) residual (i.e., 
concentration at 30 minutes) decreased with an increase in phosphate concentration at pH 
6.2. The persistant apparent Fe(VI) residual at pH 6.2 in the presence of 10 µM of 
phosphate was about half of that without phosphate present (see Figure 3.2a). With a 
phosphate concentration of 20 or 40 µM, the apparent Fe(VI) residual after 30 minutes with 
bromide present was diminished to the point where it was similar to that without bromide, 
indicating phosphate had completely inhibited the formation of bromine at 20 µM 
concentration. At pH 7.5 (see Figure 3.2b), the stabilizing effect of phosphate on Fe(VI) 
became more significant and its inhibiting effect on active bromine formation could only 
Time (min)


































(b) pH 7.5 
Time (min)


































Borate, Br- 0 M
Borate, Br- 50 M
Borate, Br- 100 M
Borate, Br- 200 M
Phosphate, Br- 0 M
Phosphate, Br- 50 M
Phosphate, Br- 100 M
Phosphate, Br- 200 M
(a) pH 6.2 
41 
 
be observed for 2 and 5 µM of phosphate, which is indicated by the lower apparent Fe(VI) 
residual at 30 minutes as compared to that without phosphate. With 10 µM phosphate, 
Fe(VI) decomposition was so slow that the apparent residual Fe(VI) concentration at 30 
minute was still higher than that without phosphate even though the active bromine 
formation was suppressed (i.e., all of the apparent Fe(VI) was attributed to Fe(VI) species 
and not to bromine). 
 
Figure 3.2 Effect of phosphate on apparent Fe(VI) decomposition in borate-buffered 
DI water containing 200 µM (16 mg/L) of bromide at (a) pH 6.2 and (b) pH 7.5, 
determined by the ABTS method. The symbols represent the measured data and the 
lines connect sets of data points to show trends. Experimental conditions: T = 20 ºC, 
10 mM of borate, 50 µM of Fe(VI). 
Lee et al. (2014) studied Fe(VI) self-decay in phosphate-buffered DI water at pH 7.0 
and determined that hydrogen peroxide (H2O2) was a significant end product. Knowing 
that hydrogen peroxide can react with active bromine (von Gunten and Oliveras, 1997), we 
decided to use the HRP-ABTS method to determine the concentration of H2O2 in our 
system. Figure 3.3a shows that at pH 6.2 in phosphate buffer, the concentration of H2O2 
increased steadily during the first 5 minutes and remained fairly stable afterwards. The 
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molar yield of H2O2 was about 26% based on the initial Fe(VI) concentration (50 µM). In 
contrast, the concentration of H2O2 was below detection limit for all reaction times in the 
borate buffer. As expected, Fe(VI) decomposed more slowly at pH 7.5 (see Figure 3.3b). 
The trend for H2O2 accumulation in the pH 7.5 phosphate buffer was similar to that 
observed at pH 6.2, although the H2O2 yield (18%) was lower than that at pH 6.2. This is 
in agreement with Lee et al. (2014) who found that the H2O2 yield decreased with 
increasing pH, and the average yield of H2O2 from Fe(VI) self-decay was 21 ± 3% at pH 7 
in a phosphate buffer. For the borate buffer at pH 7.5, the concentration of H2O2 increased 
to a maximun value at 1 minute and then gradually decreased to below detection limit after 
10 minutes. In the presence of bromide, the trend of H2O2 accumulation was similar to that 
without bromide present. At pH 6.2 (see Figure 3.3c), H2O2 was only detected in the 
phosphate buffer and not in the borate buffer. At pH 7.5 (see Figure 3.3d), H2O2 also 
gradually formed in the phosphate buffer, whereas in the borate buffer, the concentration 
of H2O2 increased to a maximum value and then gradually decreased to below detection 
limit. In addition, the H2O2 yield in the presence of bromide, about 15% and 5% at pH 6.2 




Figure 3.3 Apparent ferrate decomposition and hydrogen peroxide formation during 
ferrate decomposition in borate- or phosphate-buffered DI water at (a) pH 6.2, no 
bromide; (b) pH 7.5, no bromide; (c) pH 6.2, 200 µM of bromide; and (d) pH 7.5, 200 
µM of bromide. The symbols represent the measured data and the lines connect sets 
of data points to show trends. Experimental conditions: T = 20 ºC, 10 mM of borate 
or 2 mM of phosphate, 50 µM of Fe(VI). 
3.3.2 Mechanistic Interpretations 
In the presence of H2O2, active bromine would be quickly reduced back to bromide in 
accordance with the high rate constants for this reaction (see equation 3.1 and 3.2; von 
Gunten and Oliveras, 1997). Therefore, in the presence of H2O2, no active bromine would 
be expected to persist in water, which agrees with our results showing that the high apparent 
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persistent Fe(VI) residual (active bromine) was only observed with the borate buffer where 
little H2O2 was detected. However, in the phosphate buffer where H2O2 persisted, an 
apparent persistent Fe(VI) residual (i.e., active bromine) was not observed. Lin and Gurol 
(1998) found iron oxide particles (size range of 0.2−0.6 mm) could catalyze hydrogen 
peroxide decomposition in aqueous solution through surface complexation and interaction 
with H2O2, although the decomposition rate was quite low (0.031 M
-1s-1). It seems that 
Fe(VI) decomposition products (assumed to be particulate phase Fe(III); Goodwill et al., 
2015) are much more effective at catalyzing H2O2 decomposition (see below for 
explanation). Therefore, in borate buffer where there are no strong complexing ligands for 
Fe(III), H2O2 decomposition was catalyzed by “clean” Fe(III) particles, and thus active 
bromine could persist in water (i.e., no reaction with H2O2). In this system active bromine 
could be further oxidized to bromate by Fe(VI). In contrast, the phosphate buffer inhibits 
the reactivity of Fe(VI) decomposition products (i.e., Fe(III)) and the formation of Fe(III) 
particles, and thus H2O2 is able to persist thereby react with active bromine (reducing it 
back to bromide). For this reason, lower concentrations of H2O2 were detected in the 
presence of bromide than those without bromide in phosphate buffer (see Figure 3.3). In 
addition, the observation that H2O2 increased to a maximun value before decreasing to zero 
could be explained by the delayed accumulation of active bromine as observed in borate 
buffer at pH 7.5 (see Figure 3.3 and Figure 3.1b). 
𝑂𝐵𝑟− + 𝐻2𝑂2 → 𝐵𝑟
− + 𝐻2𝑂 + 𝑂2;                 𝑘1 = (1.2 ± 0.2) × 10
6 𝑀−1𝑆−1 (eq. 3.1) 
𝐻𝑂𝐵𝑟 + 𝐻𝑂2
− → 𝐵𝑟− + 𝐻2𝑂 + 𝑂2;                 𝑘2 = (7.6 ± 1.3) × 10
8 𝑀−1𝑆−1 (eq. 3.2) 
(Von Gunten and Oliveras, 1997) 
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In an effort to substantiate the catalytic effect of Fe(VI) decomposition products 
(particulate phase Fe(III)) on H2O2 decomposition, a series of experiments were run where 
25 µM of Fe(VI) was added to water containing two different levels of H2O2 (14 or 25 µM) 
and buffered with either borate or phosphate. Figure 3.4 shows that the concentration of 
H2O2 slightly decreased in phosphate buffer after 30 minutes, which agreed with Lee et al. 
(2014) who found the concentration of H2O2 decreased little during the reaction of Fe(VI) 
and H2O2 in phosphate buffer at pH 7. In contrast, the concentration of H2O2 decreased 
much faster and to a greater extent in the borate buffer where Fe(VI) decomposition 
products were formed in an uncomplexed particulate phase. With an initial H2O2 
concentration of 14 µM (Figure 3.4a), the concentration of H2O2 decreased to below 
detection limit in 10 minutes, whereas in the presence of 25 µM of H2O2 (Figure 3.4b), 
Fe(VI) decayed slightly faster than that with 14 µM of H2O2, and the H2O2 concentration 
decreased to 10 µM in 15 minutes. Thereafter, little Fe(VI) residual was detected and the 
H2O2 concentration reached a plateau. These observations suggest that H2O2 decomposition 
occurred as a result of the formation of secondary products (e.g., Fe(V) and Fe(IV)) from 
the reaction of Fe(VI) with the Fe(III) solids. We prefer this explanation over the direct 





Figure 3.4 Variation of ferrate and hydrogen peroxide concentration during ferrate 
decomposition in borate- or phosphate-buffered DI water containing (a) 14 µM and 
(b) 25 µM of H2O2 at pH 7.5. The symbols represent the measured data and the lines 
connect sets of data points to show trends. Experimental conditions: T = 20 ºC, 10 
mM of borate or 2 mM of phosphate, 25 µM of Fe(VI). 
To better understand the role of ferric solids on these reactions, various concentrations 
of freshly-prepared ferric chloride were added to water containing Fe(VI) and bromide in 
a borate buffer. Figure 3.5 indicates that no significant difference in apparent Fe(VI) 
decomposition was caused by adding ferric chloride at pH 6.2, whereas at pH 7.5, adding 
ferric chloride accelerated the formation but did not affect the concentration of active 
bromine. Ferric chloride solids have been shown to accelerate Fe(VI) decomposition (Jiang 
et al., 2015; Schink and Waite, 1980), however, similar amounts of active bromine were 
produced with and without the addition of ferric chloride. This indicated that the oxidation 
of bromide by Fe(VI) was also accelerated in the presence of ferric chloride, otherwise, the 
shorter lifetime (exposure) of Fe(VI) should produce less active bromine. It is possible that 
due to the faster decomposition of H2O2 (i.e., with more Fe(III) particles present) the 
formation of active bromine also became faster. 
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Figure 3.5 Effect of ferric chloride on apparent Fe(VI) decomposition in borate-
buffered DI water containing 200 µM of bromide at (a) pH 6.2 and (b) pH 7.5. The 
symbols represent the measured data and the lines connect sets of data points to show 
trends. Experimental conditions: T = 20 ºC, 10 mM of borate, 50 µM of Fe(VI). 
In addition, to determine if transient radical species play an important role in bromide 
oxidation, the formation of hydroxyl radical (·OH) and superoxide anion (O2·
−) was 
quantified during Fe(VI) oxidation of bromide-containing water in both bora`te and 
phosphate buffers. Results showed that the loss of para-chlorobenzoic acid (pCBA, the 
probe compound for ·OH detection) was not detectable for all conditions (pH 6.2 versus 
7.5, and borate versus phosphate buffer; data now shown), indicating an insignificant role 
of ·OH in bromide oxidation. Lee et al. (2014) observed that the transformation of pCBA 
during Fe(VI) self-decay in phosphate buffer at pH 7 was less than 5%, also indicating a 
very low yield of ·OH during Fe(VI) decay. Superoxide anion (O2·
−) was determined by its 
fast reaction with tetranitromethane (TNM), producing the nitroform anion, C(NO2)3
−, 
which could be detected at a wavelength of 350 nm (Flyunt et al., 2003). Results showed 
that a small amount of O2·
− was formed, corresponding to a yield of 5% and 2.8% (based 
on the molar ratio of the initial Fe(VI) concentration), respectively, with and without the 
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presence of bromide (200 µM; phosphate buffer at pH 7.5). Lee et al. (2014) found little 
O2·
− (< 2% yield) was formed during Fe(VI) self-decay in phosphate buffer at pH 7, which 
agrees with our results. The yield of O2·
− could not be accurately determined in borate 
buffer by this TNM method because Fe(III) solids interfere with the absorbance 
measurements. If it is assumed that the increase in light absorbance at 350 nm was only 
due to the formation of C(NO2)3
−, the yield of O2·
− from Fe(VI) decomposition in borate-
buffered DI water containing 200 µM of bromide would have been about 1.2% at pH 6.2. 
Note that the actual O2·
− yield in borate buffer should be lower than this. Therefore, the 
low yield of O2·
− indicates that this species does not play a significant role in bromide 
oxidation by Fe(VI). 
3.3.3 Active bromine (HOBr/OBr−) and bromate formation after Fe(VI) oxidation of 
bromide-containing DI water 
To confirm that bromide was oxidized to active bromine by Fe(VI), we employed a method 
using 2,6-dimethylphenol as a bromine trap. The resulting product, 4-bromo-2,6-
dimethylphenol, was quantified by HPLC−MS/MS (Qiang et al., 2012). In addition, 
bromate concentration was determined directly with UPLC−MS/MS. Figure 3.6 shows the 
active bromine concentration observed after Fe(VI) oxidation of bromide-containing water 
under various conditions (i.e., pH, bromide concentration, and buffer ions). Results show 
that the formation of active bromine increases with bromide concentration. Also, more 
HOBr/OBr− is produced at pH 6.2 than that at pH 7.5, and much less produced with 
phosphate buffer than with borate buffer. These results are all in agreement with the 
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apparent Fe(VI) residual results determined by the ABTS method (see Figure 3.1). In 
phosphate buffer, bromine was detected only at pH 6.2 in the presence of very high bromide 
levels (16 mg/L, i.e., 200 µM). Even under these conditions the bromine yield was only 
about 20 µg/L. In contrast, about 502 µg-Br/L of bromine was observed in borate-buffered 
DI water containing the same level of bromide and Fe(VI) dose. This concentration 
corresponds to 6.27 µM of HOBr/OBr−, which agrees very well with the 6.25 µM of active 
bromine predicted by the ABTS method as calculated previously. 
 
Figure 3.6 Active bromine formation after Fe(VI) oxidation of bromide-containing DI 
water. The symbols represent the measured data and the lines connect sets of data 
points to show trends. Experimental conditions: T = 20 ºC, 10 mM of borate or 2 mM 
of phosphate, 50 µM of Fe(VI). 
Bromate was also detected after Fe(VI) oxidation of bromide-containing DI water (see 
Figure 3.7). For all bromide concentrations, more bromate was formed at pH 6.2 than at 
pH 7.5. Also, less bromate was formed with the phosphate buffer than with the borate 
buffer, but the inhibiting effect of phosphate on bromate formation was less significant 
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than that observed for active bromine formation. In addition, for 0.1 mg/L of bromide, the 
bromate concentrations were below the US drinking water MCL of 10 µg/L for all 
conditions. At the 1.0 mg/L bromide level, bromate concentrations were below 10 µg/L in 
the phosphate buffer at both pHs. For most raw drinking waters, bromide concentrations 
are near or below 0.1 mg/L (e.g., Flury and Papritz, 1993). 
 
Figure 3.7 Bromate formation after Fe(VI) oxidation of bromide-containing DI water. 
The symbols represent the measured data and the lines connect sets of data points to 
show trends. Experimental conditions: T = 20 ºC, 10 mM of borate or 2 mM of 
phosphate, 50 µM of Fe(VI). 
The total amount of oxidized bromide in these experiments can be calculated by adding 
the measured active bromine and bromate (see Table 3.1). This shows that only a small 
fraction of bromide was oxidized by Fe(VI) under all conditions in this study. For example, 
16.4% of the bromide was oxidized in the water containing 0.1 mg/L (1.25 µM) bromide 
and dosed with 50 µM of Fe(VI) (i.e., Fe(VI) in excess) at pH 6.2 in a borate buffer. We 
attribute this to the slow oxidation of bromide and the fast self-decay of Fe(VI) at pH 6.2 
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which resulted in depletion of the Fe(VI) before much of the bromide could be oxidized. 
However, an even smaller fraction of bromide (3.5%) was oxidized at pH 7.5 when Fe(VI) 
lifetime was longer than that at pH 6.2. Many solutes exhibit higher rate constants with 
monohydrogen Fe(VI) (i.e., HFeO4
−) than with deprotonated Fe(VI) (i.e., FeO4
2−) 
(Virender K. Sharma, 2011). This is because HFeO4
− has a larger spin density on the oxo-
ligands than FeO4
2− does, which increases the oxidation ability of HFeO4
− (Kamachi et al., 
2005). In this case, it is possible that the protonated Fe(VI) species also had higher 
reactivity toward bromide and thus more bromide was oxidized at lower pH. Another 
explanation might be the participation of intermediate species of Fe(VI) decomposition 
(i.e., Fe(V) and Fe(IV)), which are generally more reactive than Fe(VI) and may have 
similar lifetimes at the two studied pHs. In addition, although only a small fraction of 
bromide was oxidized even for the lowest bromide concentration, the formation of 
HOBr/OBr− and bromate after Fe(VI) oxidation both increased with bromide 
concentration. This is because higher bromide concentration would result in a higher 
reaction rate between Fe(VI) and bromide, and thus more bromide oxidized before Fe(VI) 






Table 3.1 Active bromine and bromate formation after Fe(VI) oxidation of bromide-



































































Experimental conditions: T = 20 ºC, 10 mM of borate or 2 mM of phosphate buffer, 50 µM 
of Fe(VI). ND*: Not detected. 
To confirm the effect of phosphate on the formation of active bromine and bromate, 
various concentrations of phosphate were added to borate-buffered DI water (pH 6.2) 
containing 200 µM of bromide. Fe(VI) was then added and the concentrations of 
HOBr/OBr−, bromate, and H2O2 were determined after the loss of residual ferrate. Figure 
3.8 shows that the active bromine concentration decreased to a very low level with 
phosphate concentrations higher than 50 µM, whereas the bromate concentration showed 
an initial increase and then a decrease with increasing of phosphate concentration. The 
formation of H2O2 was below detection limit when the phosphate concentration was less 
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than 10 µM. Further increasing the phosphate concentration resulted in a substantial 
increase in H2O2. The effect of phosphate on HOBr/OBr
− concentration could be the result 
of two factors. First, phosphate inhibits the catalytic effect of ferrate decomposition 
products which would otherwise accelerate H2O2 decomposition. Therefore, with 
increasing phosphate concentration, more H2O2 persists in water and more reduction of 
HOBr/OBr− back to bromide occurs. Secondly, the stabilizing effect of phosphate on 
Fe(VI) (see Figure 3.2) should lead to more oxidation of HOBr/OBr− to bromate due to the 
longer Fe(VI) exposure at the same pH. Therefore, HOBr/OBr− formation decreases 
sharply with the increase of phosphate concentration, whereas bromate shows a balanced 
effect between decreased HOBr/OBr− formation and increased HOBr/OBr− oxidation in 
the presence of phosphate. This also explains the less substantial inhibiting effect of 







Figure 3.8 Effect of phosphate on HOBr/OBr−, bromate, and H2O2 formation after 
Fe(VI) oxidation of borate-buffered DI water containing 200 µM (16 mg/L) of 
bromide at pH 6.2. The symbols represent the measured data and the lines connect 
sets of data points to show trends. Experimental conditions: T = 20 ºC, 10 mM of 
borate, 50 µM of Fe(VI). 
The detection of active bromine and bromate confirmed our earlier interpretation of the 
ABTS data. Accordingly, an estimation of the reaction rate for Fe(VI) oxidation of bromide 
in the phosphate buffer now seems justifiable. In Figure 3.1, the apparent Fe(VI) 
concentration in phosphate buffered solutions was the true Fe(VI) concentration because 
active bromine was reduced back to bromide by H2O2 and no active bromine was suggested 
by the ABTS method. The faster Fe(VI) decay in the presence of bromide than that without 
bromide present was caused by the reaction between Fe(VI) and bromide (see Appendix 
Text and Figure A.2 in Appendix for the kinetic simulation). Table 3.2 summarized the 
reaction rate constants for Fe(VI) self-decay (k2) and the reaction with bromide (kBr) in 2 
mM phosphate at pH 6.2 and 7.5. The second-order rate constant (kBr) for the reaction 
between Fe(VI) and bromide was estimated to be 10.9 and 0.3 M−1 s−1 at pH 6.2 and 7.5, 
Phosphate ( M)



























respectively. The reaction between Fe(VI) and bromide in borate buffer could not be 
simulated in the same way due to the inability to differentiate Fe(VI) from active bromine 
under those conditions. Nevertheless, the kBr was estimated to be higher but of the same 
order of magnitude as that in phosphate buffer at both pHs (estimation based on the final 
active bromine concentration; data not shown). 
Table 3.2 Rate constants for Fe(VI) self-decay and reaction with bromide in 
phosphate buffer (2 mM). T = 20 °C. 
pH k2 (M
−1 s−1) kBr (M
−1 s−1) 
6.2 118.3 10.9 
 7.5 13.2 0.3 
3.3.4 Bromate and total organic bromine (TOBr) formation after Fe(VI) oxidation of 
bromide-containing natural water Reaction Kinetics  
As bromide was oxidized by Fe(VI) forming active bromine (HOBr/OBr−), organic 
brominated compounds (measured as total organic bromine, TOBr) could form through the 
reaction between active bromine and natual organic matter (NOM). At the same time, 
NOM in the raw water matrix may suppress bromate formation by competing for both 
reactive species (i.e., Fe(VI) and active bromine) or by complexing with Fe(VI) 
decomposition products like phosphate does (Jiang et al., 2015; Goodwill et al., 2015). In 
order to better understand these competing reactions, a series of experiments were 
performed where both bromate and TOBr were measured following Fe(VI) addition to a 
natural water fortified with 0.1 and 1.0 mg/L of bromide. The background bromide 
concentration in the natural water was determined to be 10.6 µg/L, thus the total bromide 
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concentrations after spiking bromide were 0.11 and 1.01 mg/L, respectively. Figure 3.9 
shows that similar to observations in DI water, more bromate was produced at pH 6.2 than 
at pH 7.5, and the formation of bromate increased with bromide concentration. In most 
cases, phosphate exhibited an inhibiting effect on bromate formation, and the highest 
bromate concentration was mostly observed in the absence of added buffer ions. Borate 
also showed some inhibiting effect on bromate formation compared to tests without 
additional buffer ions, possibly because borate can also weakly adsorb to amorphous iron 
oxide (Goldberg and Glaubig, 1985). In addition, for 0.1 mg/L of bromide, the bromate 
concentrations after Fe(VI) oxidation were below 3 µg/L for all buffer and pH conditions, 
indicating the formation of ferrate-induced bromate would not likely be a problem for US 
applications in drinking water treatment. Note that the only samples to exceed the 10 µg/L 
MCL was the low pH condition at the rather high bromide level of 1.0 mg/L. Therefore, 
regarding the control of bromate formation in finished drinking water, Fe(VI) oxidation is 
recommended to be conducted at higher pH (e.g., pH > 7) should there be elevated bromide 
levels in the raw water. In addition, the bromate concentrations in the natural water were 
lower than those observed in DI water under the same conditions (Figure 3.9 versus Figure 
3.7). Therefore, NOM in the raw water matrix appeared to suppress bromate formation, 




Figure 3.9 Bromate formation after Fe(VI) oxidation of bromide-containing natural 
water. Experimental conditions: T = 20 ºC, 10 mM of borate or 2 mM of phosphate, 
50 µM of Fe(VI). 
Figure 3.10 shows that the formation of TOBr also increased with bromide 
concentration, but there was no consistent trend regarding the effect of pH or buffer ion on 
TOBr formation. In the presence of 0.1 mg/L of bromide, the concentration of TOBr was 
slightly higher at pH 7.5 than that at pH 6.2, whereas for 1.0 mg/L of bromide, more TOBr 
was formed at pH 6.2 except for the case with phosphate buffer. As Fe(VI) could further 
oxidize active bromine to bromate, this competition between Fe(VI) and NOM for the 
reaction with HOBr/OBr− might have made TOBr formation more complicated. The 
highest TOBr concentration, i.e., 41.6 µg/L, was detected for the test with 1.0 mg/L of 
bromide at pH 6.2 without addition of buffer ions. It is noteworthy that considerable 
amounts of TOBr were formed in the presence of the phosphate buffer for all conditions in 
the natural water, whereas in DI water no active bromine was detected with phosphate 
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bromine formed in DI water was quickly reduced back to bromide by H2O2 in the presence 
of phosphate buffer, and only a small fraction of HOBr/OBr− was further oxidized to 
bromate by Fe(VI). Whereas in the natural water, active bromine could also rapidly react 
with NOM forming TOBr through oxidation and/or substitution reactions (Hua and 
Reckhow, 2008; Westerhoff et al., 2004). In this case, TOBr could have been formed before 
active bromine was completely reduced back to bromide. The total oxidized bromide 
fraction was also calculated for these natural water experiments (see Table 3.3). In general, 
the total oxidized bromide in the presence of phosphate buffer was higher in the natural 
water than that in DI water under the same conditions. This is also because the formation 
of TOBr in the natural water keeps Br in the oxidized form (+1 valence), whereas in DI 
water, active bromine was almost completely reduced back to bromide by H2O2. In 
contrast, the total oxidized bromide fraction was lower in the natural water than in DI water 
with borate buffer. Figure 3.11 shows the proposed mechanism for the interaction between 






Figure 3.10 TOBr formation after Fe(VI) oxidation of bromide-containing natural 
water. Experimental conditions: T = 20 ºC, 10 mM of borate or 2 mM of phosphate, 
50 µM of Fe(VI). 
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Experimental conditions: T = 20 ºC, 10 mM of borate or 2 mM of phosphate or no buffer, 
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Figure 3.11 Mechanism for the interaction between Fe(VI), bromide, and H2O2 in 
phosphate buffer and natural water. 
3.4 Implications for Drinking Water Treatment 
The oxidation of bromide by Fe(VI) was affected by pH, bromide concentration, buffer 
ion, and water type. The highest levels of bromate were formed at lower pH and in the 
absence of phosphate. Hydrogen peroxide, which is an oxidation product of water by 
Fe(VI), played an essential role in suppressing the formation of active bromine 
(HOBr/OBr−) and bromate. Particulate-phase Fe(VI) decomposition products appeared to 
catalyze the decomposition of hydrogen peroxide. Lower concentrations of hydrogen 
peroxide and thus higher concentrations of active bromine were formed in the absence of 
phosphate. In a natural water matrix, bromate formation was suppressed as compared to 
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the experimental system with borate-buffered DI water. Bromate yields from bromide were 
in the range of 0.1−4.4% for the model waters and lower for the natural water. It seems 
unlikely that the bromate levels would exceed the US Maximum Contaminant Level (MCL 
= 10 µg/L) from the use of Fe(VI) in waters with moderate levels of bromide. Fe(VI) slowly 
oxidizes bromide, forming low levels of active bromine and bromate. However, this is not 





IMPACTS OF FERRATE OXIDATION ON NATURAL ORGANIC MATTER 
AND DISINFECTION BYPRODUCT PRECURSORS 3 
4.1 Introduction 
Although chlorine is the most commonly used disinfectant in drinking water treatment 
today, its use has for many years been a concern due to the formation of potentially 
carcinogenic disinfection byproducts (DBPs). In addition to the regulated DBPs, e.g., 
trihalomethanes (THMs) and five haloacetic acids (HAA5), other DBPs, which may have 
mutagenic and carcinogenic effects (e.g., haloacetonitriles (HANs), haloketones (HKs), 
and chloropicrin (CP); Daniel et al., 1986; Robinson et al., 1989), have been detected in 
chlorinated waters. Natural organic matter (NOM) is a critically important source of DBP 
precursors; generally, 85 to 95% of NOM is dissolved. Therefore, a key approach for 
controlling DBPs in finished drinking water is to maximize the removal of NOM prior to 
chlorination. Conventional treatment, encompassing coagulation, clarification, and particle 
filtration, is commonly used to convert dissolved NOM to particles and remove the 
particulate NOM as well as other particles from surface water supplies (Jacangelo et al., 
                                                 
3 Modified from originally published version (Jiang, Y., Goodwill, J.E., Tobiason, J.E., Reckhow, D.A., 2016. 




1995). In addition, pre-oxidants such as ozone are often used to control taste and odor, 
partially oxidize NOM, including DBP precursors, provide primary disinfection credit, and 
aid subsequent coagulation (Camel and Bermond, 1998; Langlais et al., 1991). For this 
reason, the effectiveness of pre-oxidants for NOM and DBP precursor removal has been 
an active area of research. 
Ferrate (Fe(VI)), has attracted increasing attention among drinking water treatment 
researchers because of its advantages over current technologies. In addition to being a 
potent disinfectant for a wide range of microorganisms (Cho et al., 2006; Hu et al., 2012; 
Jiang et al., 2007, 2006; Kazama, 1995, 1994; Schink and Waite, 1980), ferrate can 
selectively oxidize many aquatic contaminants with limited formation of hazardous 
byproducts (Sharma, 2010a; Virender K Sharma, 2013). In addition, ferric iron resulting 
from ferrate decomposition might provide additional benefit by serving as an in-situ 
coagulant. Ferrate has been shown to be effective for the control of humic substances 
(Graham et al., 2010; Qu et al., 2003). Jiang and Wang (2003) found treatment with ferrate 
salts resulted in better removal of dissolved organic carbon (DOC), THM precursors, and 
UV254 absorbing substances than treatment with low doses of ferric sulfate. The addition 
of ferrate pre-oxidation to a coagulation and clarification process was also found to 
improve removal of UV254  absorbing substances in continuous flow experiments 
(Goodwill et al., 2016). 
Strong pre-oxidants (e.g., ozone) may alter the structure and characteristics of NOM 
and thus impact NOM and DBP precursor removal by subsequent coagulation (Graham et 
al., 2010). The impacts of pre-ozonation on coagulation for NOM and DBP precursor 
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removal are conflicting and site specific (Bose and Reckhow, 2007; Chiang et al., 2002; 
Graham et al., 2010; O’Melia et al., 1999; Wert and Rosario-Ortiz, 2011). The adverse 
impact of pre-oxidation on coagulation was attributed to oxidation-induced changes in 
NOM, rendering it more hydrophilic and fragmented (i.e., as indicated by lowered 
molecular weight distribution), making it more recalcitrant to removal by coagulation 
(Becker and O’Melia, 2001; Singer et al., 2003). Under acidic conditions, ferrate has a high 
oxidation-reduction potential and it is considered a strong oxidant (Sharma, 2002; R. Wood, 
1958). Therefore, ferrate may be expected to substantially alter the properties of NOM and 
impact NOM and DBP precursor removal by subsequent coagulation. 
Despite extensive research on the oxidation of specific trace pollutants by ferrate, little 
is known about the effectiveness of ferrate in combination with conventional treatment to 
remove NOM and DBP precursors in a conventional treatment train. Gan et al. (2015) 
studied the effect of ferrate pre-oxidation followed by chlorination on THM, HAN, CP, 
and chloral hydrate formation. The waters being oxidized were prepared using stock 
solutions of Suwannee river natural organic matter and model compounds. The 
effectiveness of ferrate oxidation for the treatment of natural drinking water sources or its 
impact on coagulation for DBP precursor removal were not studied. Yang et al. (2013) 
found ferrate oxidation decreased the formation potentials of THMs, HANs, and CP, and 
Lee et. al. (2008) observed that a high dose of ferrate decreased the formation potential of 
N-nitrosodimethylamine (NDMA) by 46–84%, but the impact of ferrate pre-oxidation on 
coagulation was not investigated. The principal objectives of this research were to 
characterize the effectiveness of direct ferrate oxidation alone, pre-ferrate treatment (ferrate 
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added prior to conventional treatment (coagulation followed by particle removal)), and 
intermediate-ferrate (ferrate added after conventional treatment) for NOM and DBP 
precursor removal in order to establish the most effective scheme for integrating ferrate 
into full-scale water treatment systems from the perspective of controlling DBPs. The 
impacts of varied ferrate oxidation conditions (e.g., ferrate dose and pH) on DBP formation 
potentials (DBPFPs), and the role of in-situ formed Fe(III) (resulting from ferrate reduction) 
on subsequent coagulation were also studied. The DBPs investigated in this study included 
THMs, HAAs, HANs, HKs, and CP. 
4.2 Materials and Methods 
4.2.1 Chemicals and reagents 
Potassium ferrate (K2FeO4, 92%), reagent-grade 2,2’-azino-bis(3-ethylbenzothiazoline-6-
sulfonate) (ABTS), sodium borate decahydrate, boric acid, and other reagents were 
purchased from Sigma-Aldrich (St. Louis, MO, US) or Fisher-Scientific (Fair Lawn, NJ, 
US). All aqueous solutions were prepared with ultrapure water produced by a Milli-Q 
system (Advantage A10, Millipore, Billerica, MA). The chlorine was sourced as a 
laboratory grade ~5.5% solution of sodium hypochlorite (Fisher-Scientific). The stock 
solution of boric acid buffer (1 M) was prepared by adding a weighed amount of boric acid 
to DI water and the pH was adjusted to 6.2 with sodium hydroxide solution. Similarly, the 
stock solution of borate buffer was prepared with sodium borate decahydrate and the pH 
was adjusted to pH 7.5 with sulfuric acid solution. 
66 
 
4.2.2 Raw Waters 
Twelve raw water samples were collected from drinking water utilities at locations in 
Massachusetts (MA), Vermont (VT), Kansas (KS), Texas (TX), and Connecticut (CT). In 
each case, large volume samples were collected in high density polyethylene containers 
and either transported directly to University of Massachusetts, Amherst, by the research 
team or shipped by overnight carrier. The three Norwalk samples were collected directly 
from the raw water reservoir at three levels (epilimnion, mesolimnion, and hypolimnion) 
during summer stratification. The Bolton sample was collected immediately downstream 
of the system intake. All eight of the remaining samples were collected from the plant 
intakes. These 12 samples represent a wide range in total organic carbon (TOC, 2.1−6.6 
mg/L; see Table 4.1) and specific UV absorbance (SUVA) values (1.8−5.9 L/mg/m). 
Table 4.1 Raw water characteristics 
Sample Location 
TOC DOC UV254 SUVA 
pH 
Copt, FeCl3 
(mg/L) (mg/L) (cm-1) (L/mg/m) (mg/L as Fe) 
Amherst, MA 3.3 3.1 0.090 2.9 7.1 6.0 
Bolton, VT 5.9 5.2 0.215 4.2 6.6 12 
Gloucester, MA 5.8 5.7 0.294 5.2 5.5 10 
Holton, KS 6.4 5.8 0.107 1.8 7.0 10 
Houston, TX 6.6 6.5 0.221 3.4 7.3 10 
Norwalk, CT (epi) 3.3 3.2 0.138 4.4 7.2 10 
Norwalk, CT (meso) 4.4 4.3 0.161 3.7 7.2 11 
Norwalk, CT (hypo) 2.8 2.8 0.106 3.8 6.5 11 
Palmer, MA 2.0 2.0 0.041 2.0 6.5 4.0 
Readsboro, VT 2.0 2.0 0.119 5.9 6.0 4.0 
South Deerfield, MA 2.1 2.1 0.075 3.6 7.0 6.0 




Chlorination of these waters shows a wide range in the resulting concentration of the 
regulated and non-regulated DBPs (Figure A.3 in Appendix), but the carbon-normalized 
concentrations are typical of most surface waters (e.g., Reckhow and Singer, 2011). Figure 
A.4 in Appendix shows the specific DBP formation (normalized to TOC concentration) of 
the raw waters. All waters had relatively low levels of bromide as indicated by the low 
bromine substitution factor (BSF, i.e., the ratio of the molar concentration of bromine 
incorporated into a given class of DBP to the total molar concentration of chlorine and 
bromine in that class; Hua et al., 2006) for the THMs, trihaloacetic acids (THAAs), 
dihaloacetic acids (DHAAs), and dihaloacetonitriles (DHANs) (see Figure A.5 in 
Appendix). 
4.2.3 Experimental methods 
The raw waters were treated under four scenarios: I) Direct ferrate oxidation only followed 
by chlorination; II) Ferric chloride coagulation followed by settling/filtration/chlorination; 
III) Pre-ferrate treatment: ferrate addition followed by 
coagulation/settling/filtration/chlorination; and IV) Intermediate-ferrate treatment: ferrate 
addition after coagulation/settling/primary filtration and before final filtration and 
chlorination. The effectiveness of each scenario regarding NOM and DBP precursor 
removal was evaluated, and the impacts of varied ferrate oxidation conditions (e.g., ferrate 
dose and pH) were also investigated. Five groups of DBPs, including THMs, HAAs, HANs, 
HKs, and CP, were analyzed as described below. 
68 
 
4.2.3.1 Scenario I (Direct ferrate oxidation followed by chlorination alone). 
Two doses of ferrate, 25 and 50 µM, and two pHs, 6.2 and 7.5, were selected to represent 
typical conditions for pre-oxidation processes in full-scale water treatment. Ferrate 
oxidation was initiated by adding a weighed amount of K2FeO4 solid to the buffered waters 
(10 mM borate) under rapid mixing at 20 ºC, and the pH was monitored and adjusted by 
dropwise addition of sulfuric acid (0.1 M) to keep the pH stable at either 6.2 or 7.5. The 
boric acid/borate buffer was chosen because it was capable of maintaing pH without 
abnormally affecting ferrate stability as has been noted for similar strength buffers 
composed of phosphate and carbonate (Jiang et al., 2015). Also, it had little influence on 
the raw water chemical characteristics such as carbonate alkalinity. Samples were 
withdrawn at appropriate time intervals with ferrate concentrations determined 
immediately using the ABTS method (Lee et al., 2005). After a reaction period of about 1 
h, residual ferrate was depleted through decomposition/reaction, and samples were 
collected for subsequent chlorination. 
4.2.3.2 Scenario II (Ferric chloride coagulation followed by 
settling/filtration/chlorination). 
Coagulation was conducted using standard jar test procedures. Each of the six jars was 
filled with 1 L of sample. Different doses of ferric chloride were added to each jar and 
rapidly mixed (G ~ 200 sec-1) for 1 min, and thereafter slow mixing (G ~ 50 sec-1) continued 
for 10 min. The pH was monitored and adjusted to 5.5 by dropwise addition of sodium 
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hydroxide or sulfuric acid solutions. After a 30-min period of settling following slow 
mixing, a 20-mL aliquot of the supernatant was withdrawn from each jar for measurement 
of UV254 absorbance. The ferric chloride dose that yielded a sample with the lowest UV254 
absorbance was defined as the optimal ferric chloride dose. This sample was filtered (glass 
fiber filter (GF/F), effective size cutoff of 0.7 μm, Whatman, Clifton, NJ) and saved for 
subsequent chlorination. The optimal ferric chloride dose was denoted as Copt,FeCl3 (see 
Table 4.1 for the sample-specific doses). Note that if ferric chloride dosages yielded similar 
UV254 absorbance (e.g., < 5% difference), then the lower of the two dosages was defined 
as the Copt,FeCl3. 
4.2.3.3 Scenario III (Pre-ferrate treatment, i.e., ferrate addition followed by 
coagulation/settling/filtration/chlorination). 
The processes of ferrate pre-oxidation and coagulation/settling/filtration were the same as 
described in scenarios I and II, except that for some waters, two samples with different 
ferric chloride doses were collected for further testing: A) The sample with the same ferric 
chloride dose as the optimal ferric chloride dose (Copt,FeCl3) determined in scenario II. Note 
that this sample was also usually the one with the lowest UV254 absorbance among the 
samples in scenario III; and B) The sample with the same total iron concentration as the 
sample collected in scenario II, i.e., the ferric chloride dose (as Fe) that equals the optimal 
ferric chloride dose (Copt,FeCl3, as Fe) minus the iron concentration added by ferrate pre-
oxidation. This sample was collected to study the effectiveness of the Fe(III) resulting from 
ferrate reduction to serve as a coagulant. 
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4.2.3.4 Scenario IV (Intermediate-ferrate treatment, i.e., ferrate addition after 
coagulation/settling/primary filtration and before final filtration and 
chlorination). 
Samples were first coagulated at pH 5.5 with the optimal ferric chloride dose as decided in 
scenario II. After settling and filtration of the supernatant, 10 mM of borate buffer and 
ferrate (20, 35, or 50 µM) were added for intermediate oxidation at pH 6.2. After no ferrate 
residual could be detected (less than 1 hour), samples were collected for final filtration and 
chlorination. 
4.2.4 Chlorination and analytical methods. 
Chlorination was conducted on both raw and treated samples in 300-mL chlorine demand-
free, glass-stoppered bottles. The chlorine doses were determined based on preliminary 
chlorine demand testing of raw waters, and the target chlorine residual was 3.0−5.0 mg/L 
as Cl2 after a 72-h incubation time at pH 7.0 (10 mM phosphate buffer) and 20 ºC in the 
dark. All samples were incubated headspace-free after being dosed with chlorine. 
The DBPs analyzed for all samples included four chlorine- and bromine-containing 
THMs (THM4 or just THM), nine chlorine- and bromine-containing HAAs (HAA9), three 
dihaloacetonitriles or DHANs (dichloro-, bromochloro-, and dibromoacetonitriles), two 
haloketones or HKs (dichloropropanone (DCP) and trichloropropanone (TCP)), and 
chloropicrin (CP). THM4, DHANs, HKs, and CP were quantified by liquid/liquid 
extraction with pentane and by gas chromatography with electron capture detection 
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(GC/ECD) according to USEPA Method 551.1. HAA9 were analyzed by liquid/liquid 
extraction with methyl-tertiary-butyl-ether (MtBE) followed by derivatization with acidic 
methanol and by GC/ECD according to USEPA Method 552.2. For the purpose of 
discussion, we distinguish the dihalogenated acetic acids (DHAAs) which include 
dichloro-, bromochloro-, and dibromoacetic acids, from the trihalogenated species 
(THAAs) which include trichloro-, bromodichloro-, dibromochloro-, and tribromoacetic 
acid. In this paper we have adhered to the regulatory definition of group summations by 
simply adding up the mass-based concentrations of all species in a particular group. 
Specific DBP formation is the amount formed divided by the TOC of the water at the point 
of chlorination. 
TOC and dissolved organic carbon (DOC) concentrations were measured with a 
Shimadzu TOC-VCPH analyzer (Shimadzu Corp., Kyoto, Japan). Ultraviolet absorbance at 
254 nm (UV254) was determined using a Genesys 10S UV-Vis spectrophotometer (Thermo 
Scientific, Waltham, MA). Samples were filtered with a GF/F for DOC and UV254 
measurements. Chlorine residuals were analyzed by the DPD ferrous titrimetric method 
(APHA et al., 2012). 
4.2.5 Fractionation and relative iron fraction determination. 
Fractionation was conducted by passing samples through membranes with different pore 
sizes, such as GF/F (effective size cutoff of 0.7 µm) and ultrafiltration (UF) membranes 
with a nominal molecular weight cutoff of 30 kDa (Amicon, Beverly, MA). The procedure 
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has been described elsewhere (Jiang et al., 2015). This sequential filtration process resulted 
in three iron fractions, referred to as: large iron particles, colloidal iron, and dissolved iron. 
4.3 Results and discussion 
4.3.1 Effects of direct ferrate oxidation on DBP precursor removal 
The effect of direct ferrate oxidation on TOC concentration is both subtle and site specific. 
Ferrate oxidation decreased TOC concentration by as much as 23% in some waters and 
increased it by as much as 16% in others (see Figure 4.1). However, for most of the waters, 
ferrate had little impact on TOC, indicating that it did not substantially mineralize NOM. 
The limited mineralization of organic carbon by ferrate pre-oxidation has also been noted 
previously (Goodwill et al., 2015). The reason for the slightly higher TOC concentrations 
after ferrate oxidation observed for some waters might be that NOM is oxidized into forms 




Figure 4.1 Effect of direct ferrate oxidation on relative TOC concentration under 
varied ferrate dose and pH conditions. 
Direct ferrate oxidation resulted in substantial decreases in THM, THAA, and DHAN 
yields, and the decreases in DBP concentrations generally increased with ferrate dose 
(Figure 4.2). The impacts of ferrate on THM precursors were quite uniform across the 12 
waters and nearly linear when graphed versus ferrate dose. Moderate doses of ferrate were 
able to destroy 20−40% of the THM precursors. THAA precursors showed slightly higher 
percentages of destruction (20−60% at the highest specific dose). Again the precursor loss 
was linear with ferrate dose, although there was more variability across the waters than 
with the THM precursors. DHAN precursor destruction seemed to match the THM 
precursor destruction, again with more variability between waters. DHAA precursors were 
less affected, although there was a consistent decline at the highest specific doses. 
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Figure 4.2 Effect of direct ferrate oxidation (scenario I) on relative THM, DHAA, 
THAA, DHAN, HK, and CP formation under varied ferrate dose and pH conditions. 
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Many of the characteristics of ferrate-induced precursor destruction as illustrated in 
Figure 4.2 reflect prior observations with ozone. For example, Reckhow et al. (1986) 
observed that similar doses of ozone (1 mg-O3/mg-C, 1 mM bicarbonate) had little net 
impact on DHAA precursors (20% increase to 30% decrease), whereas the THM and 
THAA precursors decreased by 20−50%. This suggests that precursor destruction by 
ferrate has a similar level of precursor-selective electrophilic attack on NOM as ozone. 
Comparison of NOM properties with DBP yields has led to the understanding that 
hydrophobic and aromatic-rich NOM generally constitute the major pool of precursors to 
THMs and THAAs, whereas hydrophilic NOM is richer in DHAA precursors (Bond et al., 
2009; Hua and Reckhow, 2007a; Reckhow et al., 1990). Studies with ozone have shown 
that oxidants lead to fragmentation of NOM, formation of polar byproducts, and 
accompanying shifts in the partitioning behavior of NOM from hydrophobic to 
hydrophilic. It is clear that there is some underlying chemistry of source water NOM that 
leads to observed associations of hydrophilic properties with DHAA formation, and that 
association also seems to exist with oxidatively formed hydrophilic NOM and DHAA 
formation. Data from this current study suggest that ferrate resulted in these same changes 
and associations. 
Studies have shown that dissolved organic nitrogen is correlated with HAN formation 
(Lee et al., 2007). Amino acids, polypeptides, hydrophobic substances with amino acid 
moieties, and hydrophilic bases with amine moieties are known dichloroacetonitrile 
(DCAN) precursors during chlorination (Ram, 1985; Reckhow et al., 1991). The significant 
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decreases in DHAN formation might result from the reactivity of ferrate toward amino 
acids and amines (Noorhasan et al., 2010; Sharma and Bielski, 1991; Sharma, 2010b).  
The overall effect of ferrate oxidation on haloketone (HK) precursors is small and site 
specific. Haloketone formation potential decreased in some waters and increased in others 
following ferrate treatment. Pure compound studies have shown that ferrate can oxidize 
alcohols forming ketones (Virender K Sharma, 2013), some of which may be 
halopropanone precursors. On the other hand, ferrate might also be able to destroy chlorine-
reactive sites that lead to halopropanones, thus mitigating what would otherwise be a clear 
increase in formation. Yang et al. (2013) observed that the formation of trichloropropanone 
(TCP) was enhanced with 1 mg/L of ferrate, but was decreased with 20 mg/L of ferrate, 
indicating that with higher dose of ferrate, HK precursors might be destroyed. In addition, 
decreases in trihalonitromethane (chloropicrin, CP) formation potential with ferrate 
oxidation were also observed by Yang et al. (2013). Our results showed that ferrate 
increased CP formation potential for most of the waters (up to a 95% increase), although 
the CP concentrations remained below 4.0 µg/L for all waters. In comparison, pre-
ozonation was found to have increased CP formation potential by 2 to 4 times in different 
waters (Hoigné and Bader, 1988; Jacangelo et al., 1989). Hydrophilic fractions of NOM 
have been identified as the major halonitromethane (HNM) precursors (Hu et al., 2010a). 
High yields of CP were reported from ozonation/chlorination treatment of lysine, glycine, 
and triethanolamine (Hoigné and Bader, 1988; Shan et al., 2012). Ozone might oxidize 
amine groups to nitro groups thereby creating new CP precursors (Bond et al., 2014; 
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McCurry et al., 2016). It is likely that ferrate oxidation also produced new CP precursors 
through the oxidation of organic amines to nitro groups. 
4.3.2 Effects of pre-ferrate treatment on conventional treatment for DBP precursor 
removal 
Without pre-oxidation, conventional treatment (i.e., scenario II: coagulant addition, 
mixing, settling & filtration) was capable of removing 37−75% of the TOC in these 12 raw 
waters (data not shown). Accompanying this TOC removal was substantial removal of 
DBP precursors. At the optimal ferric chloride dose (see Copt, FeCl3, Table 4.1), the precursor 
removals were 43−87% for THMs, 36−86% for DHAAs, 58−93% for THAAs, 42−94% 
for DHANs, 3−72% for HKs, and 18−79% for CP (Figure A.6 in Appendix).  
With pre-oxidation by ferrate, removal of some DBP precursors increased with 
increasing dose and some did not. Figure 4.3 shows the effect of pre-ferrate treatment 
followed by conventional treatment (i.e., ferrate addition, coagulant addition, mixing, 
settling & filtration) on THM, DHAA, THAA, DHAN, HK, and CP precursors. The ferric 
chloride doses used for coagulation were the same as the optimal ferric chloride doses (Copt, 
FeCl3) determined in scenario II. The relative DBP formation here was defined as the DBP 
precursors measured in the sample treated by pre-ferrate and conventional treatment (i.e., 
scenario IIIA, ferrate with optimal coagulation process) divided by the precursors 
measured in the sample treated by conventional treatment alone (i.e., by scenario II, which 
is the same as scenario III, but without pre-oxidation). Ferrate pre-oxidation generally 
resulted in decreased THM and THAA formation potentials compared to samples without 
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ferrate pre-oxidation. For most waters increasing ferrate doses resulted in lower levels of 
THM and HAA precursors after conventional treatment. The effect of ferrate pre-oxidation 
on DHAA precursors in conventionally treated water was to result in no more than a 12% 
decrease, and in some waters it caused increases (up to 36%). Nevertheless, the net total 
HAA formation potential generally decreased when using ferrate prior to conventional 
treatment because of the large decrease in THAA yields in the finished water. 
In contrast to ferrate oxidation alone, which exhibited similar destruction of DHAN 
precursors compared to THM and THAA precursors, ferrate prior to conventional 
treatment caused increases in DHAN formation potential (DHANFP) in some waters 
compared to conventional treatment alone. Ferrate pre-oxidation also had negative impacts 
on coagulation for HK and CP precursor removal. When using ferrate prior to coagulation, 
the formation potentials of HKs and CP were increased by as much as 39% and 142%, 
respectively, compared to conventional treatment alone. The increases in HK and CP 
formation potentials generally increased with ferrate dose, indicating that the pre-oxidation 
of NOM by ferrate either produced more HK and CP precursors or made these precursors 
less readily removed by conventional treatment. Note that despite the greater HK and CP 
yields for ferrate pre-oxidation compared to conventional treatment alone, the net HK and 
CP formation potentials were lower than those of the raw waters or those treated by direct 
ferrate oxidation alone. The CP formation potentials were below 1.5 µg/L for all waters 
with pre-ferrate treatment followed by coagulation. 
In summary, it is apparent that some of the immediate benefits of pre-oxidation with 
ferrate are lost upon subsequent coagulation. Had the fractional removals due to both 
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processes been purely additive, the drops in each category of DBP in Figure 4.3 would 
have matched those in Figure 4.2. Instead the drops are lower for each compound class in 
Figure 4.3 and in some cases there is an increase when there was none in Figure 4.2. The 
interpretation is that ferrate either preferentially oxidizes precursors that are most likely to 
be removed by coagulation or that ferrrate oxidation renders the oxidized organics less 
susceptible to coagulation. These same general observations have been made for pre-
ozonation’s effects on coagulation of TOC and DBP precursors (Bose and Reckhow, 2007; 
O’Melia et al., 1999; Reckhow and Singer, 1984). Pre-ozonation has been shown to cause 
an increase in strong carboxylic acidity of aquatic fulvic acid (FA), which leads to 
decreased removal by subsequent coagulation with alum (Bose and Reckhow, 2007). This 
is related to the previously mentioned tendency of ozone to render NOM more hydrophilic. 
Ferrate might impact NOM in the same way and thus it could have a deleterious effect on 
subsequent coagulation for some DBP precursors. Nevertheless, the net impact of ferrate 




Figure 4.3 Effect of pre-ferrate treatment followed by conventional treatment 
(scenario IIIA: ferrate & optimal coagulation) on THM, DHAA, THAA, DHAN, HK, 
and CP precursor removal compared to conventional treatment (scenario II) under 
varied ferrate pre-oxidation dose and pH conditions. 
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If precipitated Fe(III) solids from ferrate decay possess coagulating properties similar 
to the solids from ferric chloride precipitation, then the scenario IIIA experiments (Figure 
4.3) may be confounded by simultaneous differences in both oxidant dose and coagulant 
dose. In an effort to control for differences in total iron dose, we ran a second series of 
experiments (scenario IIIB) identical to the prior one (scenario IIIA), except that the ferric 
chloride dose was set at the optimal value minus the equivalent amount of iron added in 
the form of ferrate (i.e., a sub-optimal coagulant dose). In this case, the relative DBP 
formation was defined as the DBP formation potential of the sample treated by scenario 
IIIB (i.e., ferrate, sub-optimal coagulant addition, mixing, settling & filtration) divided by 
the formation potential of the same sample treated by scenario II (i.e., optimal coagulant 
addition, mixing, settling & filtration). The results show that even with sub-optimal ferric 
chloride doses, the ferrate pre-oxidation tests resulted in equivalent or better removal of 
THM and THAA precursors compared to optimal coagulation alone (see Figure 4.4). The 
pre-ferrate and sub-optimal coagulation resulted in similar or slightly poorer performance 
for the other DBP precursors as compared to treatment by pre-ferrate and optimal 
coagulation (compare Figures 4.3 and 4.4). 
Goodwill et al. (2015) observed that the size, morphology, and X-ray photoelectron 
spectra of particles resulting from ferrate decomposition were different from particles 
resulting from the hydrolysis and precipitation of a ferric chloride coagulant. Ferrate 
resultant particles contained Fe2O3 while ferric resultant particles contained FeOOH, 
suggesting differences in precipitation mechanism between the iron sources and limited 
hydrolysis of ferric iron resulting from ferrate. This lack of hydrolysis implies that iron 
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from ferrate reduction may not result in significant coagulation. This would argue for 
scenario IIIA as the more appropriate test for the effect of ferrate pre-oxidation on 
subsequent removal and control of DBP precursors, as it does not account for iron 
contributed from ferrate in determining coagulant dose. 
 
Figure 4.4 Effect of pre-ferrate treatment followed by conventional treatment 
(scenario IIIB: ferrate & sub-optimal coagulation) on THM, DHAA, THAA, DHAN, 
HK, and CP precursor removal compared to conventional treatment (scenario II) 
under varied ferrate pre-oxidation dose and pH conditions. 
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4.3.3 The effect of pH on average specific precursor removal by ferrate oxidation 
The relationship between relative DBP formation and ferrate dose was characterized based 
on a simple linear regression for each group of DBPs at pH 6.2 and 7.5 under each of the 
different treatment scenarios. Although not all precursors or waters exhibited such linear 
behavior, use of a linear model allowed direct comparision with a single model parameter. 
Figure 4.5 shows the average specific precursor removal (percent decreases of DBPFP per 
specific dose (mg-Fe/mg-C) of ferrate). These essentially represent the slope of the 
regression lines for each of the DBP species in Figures 4.2−4.4. Note that for scenario IIIA 
(ferrate & optimal coagulation) and scenario IIIB (ferrate & sub-optimal coagulation), the 
percent decreases in DBP precursors were based on the waters treated by scenario II 
(conventional treatment alone). 
It is well known that ferrate decomposes much more rapidly at lower pH, resulting in 
lower exposures (i.e., CT values). This has been recently substantiated with the waters used 
in this study (Jiang et al., 2015). Figure 4.5a indicates that despite the lower CT values for 
pH 6.2 as compared to pH 7.5, the precursor removal was not lower as one might expect. 
Figure 4.6 shows the relative THM formation as a function of ferrate exposure (CT product) 
at these two pHs. The CT product of ferrate was much greater at pH 7.5 than that at pH 6.2 
(Figure 4.6a versus Figure 4.6b), however, the relative THM formation potentials were 
comparable at the two pHs. It seems that the pH-induced differences in ferrate exposure 
had a minor impact on DBP precursor oxidation. Monoprotonated Fe(VI) (HFeO4
−) has a 
larger spin density on the oxo-ligands than deprotonated Fe(VI) (FeO4
2−) does, which 
increases the oxidation ability of HFeO4
− and leads to its higher reaction rate constants with 
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various compounds compared to FeO4
2− (Kamachi et al., 2005; Virender K Sharma, 2011). 
It is likely that the protonated ferrate species are more reactive with the DBP precursors, 
and thus precursor destruction is faster when the reactants are more protonated. On the 
other hand, it is also possible that the Fe(VI) decomposition species, Fe(V) and Fe(IV), 
which are several orders of magnitude more reactive than Fe(VI) (Sharma et al., 2001b; 
Virender K Sharma, 2013, 2011), played an important role in precursor destruction. 
The decreases in DBP precursors caused by direct ferrate oxidation followed the order 
of THAAs > THMs ≈ DHANs > DHAAs > HKs. Chloropicrin formation consistently 
increased after ferrate oxidation, and ferrate oxidation at pH 6.2 led to lower CP formation 
than at pH 7.5, possibly because of the lower ferrate exposure at lower pH. 
In contrast to the lack of pH impact on direct ferrate oxidation, pH appears to have an 
important effect on DBP precursors resulting from the pre-ferrate & optimal coagulation 
scenario (scenario IIIA, see Figure 4.5b). Ferrate pre-oxidation at pH 6.2 followed by 
coagulation achieved better THM, THAA, and DHAN precursor removal than pre-
oxidation at pH 7.5 followed by coagulation (note that the coagulation pH was 5.5 in both 
cases). This would suggest that either protonated Fe(VI) species, Fe(V), or Fe(IV) species 
are less likely to transform NOM and DBP precursors into hydrophilic compounds which 
are not as easily removed by coagulation. 
As expected, precursor removal by pre-ferrate and sub-optimal coagulation was less 
than that by pre-ferrate & optimal coagulation (see Figure 4.5c). Waters preoxidized at pH 
6.2 followed by coagulation still had lower DBP precursor levels than those preoxidized at 
pH 7.5 for all studied DBPs. Ferrate & sub-optimal coagulation resulted in decreased THM 
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and THAA formation compared to conventional treatment when ferrate pre-oxidation was 
conducted at pH 6.2. 
The results indicate that a significant fraction of raw water DBP precursors that are 
amenable to destruction by ferrate pre-oxidation are also removed by conventional 
treatment without pre-oxidation. Therefore, the overall benefit of ferrate pre-oxidation on 
DBP precursor removal is somewhat diminished when it is followed by coagulation. 
However, pre-ferrate treatment slightly improved THM and THAA precursor removal, and 
it may allow the use of lower coagulant doses due to the Fe(III) introduced by ferrate 
decomposition, especially regarding the control of regulated DBPs. Ozone, by comparison, 






Figure 4.5 The percent decreases in DBPFP per (mg-Fe/mg-C) of ferrate for a) 
scenario I: direct ferrate oxidation, b) scenario IIIA: ferrate & optimal coagulation, 


































































































































































Figure 4.6 The relative THM formation potential of the raw waters as a function of 
ferrate exposure (CT product) at a) pH 6.2 and b) pH 7.5. 
4.3.4 Effects of intermediate-ferrate treatment on NOM and DBP precursor removal 
As ferrate pre-oxidation appears to oxidize NOM into forms that are less readily removed 
by coagulation and particle removal, intermediate-ferrate (i.e., coagulant addition, mixing, 
settling, ferrate addition, and filtration) may avoid this problem. Coagulation and particle 
removal followed by intermediate-ferrate treatment achieved better NOM removal than 
pre-ferrate treatment followed by conventional treatment. Figure 4.7 shows DOC removals 
of 5−35% were achieved when ferrate was added after coagulation. The decrease in UV254 
absorbance was about 60%. In contrast, the application of ferrate prior to optimal 
coagulation resulted in modest increases and decreases in DOC, however, the central 
tendency was essentially no net impact of pre-ferrate on post-coagulation DOC (see Figure 
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A.7 in Appendix). Furthermore, the impact of pre-ferrate on UV254 absorbance was only 
about a 15% decrease after coagulation (see Figure A.8 in Appendix). As stated in section 
4.3.2, ferrate as a pre-oxidant might react preferentially with the hydrophobic fractions of 
NOM like ozone does, increasing the strong carboxylic acidity, and hydrophilic behavior, 
and thus leading to decreased NOM removal by coagulation. On the other hand, 
intermediate-ferrate treatment occurrs after coagulation, and thus cannot disrupt that 
process. Note also that the larger impact on UV254 absorbance compared to DOC is 
attributed to the ability of many oxidants to disrupt conjugated double bond systems 
without substantially mineralizing the carbon. 
 
Figure 4.7 Impacts of intermediate-ferrate treatment following coagulation on DOC 
and UV254 absorbance. 
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Intermediate-ferrate treatment was similarly effective at decreasing the levels of DBP 
precursors. As with pre-ferrate treatment, intermediate-ferrate exhibited parallel behavior 
among the waters tested (Figure 4.8). In this case, however, the degree of precursor 
destruction was greater and the relationship between removal and ferrate dose was clearly 
non-linear. To facilitate comparisons, we fit the pooled results to a series of exponential 
decay models (Figure 4.9). Note that CP was excluded because intermediate-ferrate 
increased CP formation potential compared to conventional treatment. Based on the data 
in Figure 4.9, precursor removal by intermediate-ferrate followed the order of THAAs > 
THMs > DHANs > DHAAs > HKs > CP. Central tendencies corresponded to removals of 




Figure 4.8 Effect of intermediate-ferrate treatment on THM, DHAA, THAA, DHAN, 
HK, and CP precursor removal compared to conventional treatment at varied ferrate 
doses. 
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Figure 4.9 Simulation of the relative DBP formation for THMs, DHAAs, THAAs, 
DHANs, and HKs at varied intermediate-ferrate doses with exponential decay 
models. The symbols represent the measured data, and the lines represent the models. 
The improved performance of intermediate-ferrate versus pre-ferrate is in contrast to 
intermediate ozonation which does not usually show much better DBP precursor removal 
as compared to preozonation (Chiang et al., 2002; Singer et al., 2003). Intermediate-ferrate 
did cause some increases in CP formation potential compared to conventional treatment 
alone. However, the increases in CP formation potential were much lower than those 
observed for pre-ferrate treatment. 
It may be the dual oxidation-coagulation role of ferrate that distinguishes its behavior 
from ozonation under these conditions. First, it is important to note that intermediate-
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THMs, y=0.5112+0.4888 exp(-2.6822x), R2 = 0.97
DHAAs, y=0.7773+0.2227 exp(-4.68x), R2 = 0.97
THAAs, y=0.2744+0.7256 exp(-2.4762x), R2 = 0.99
DHANs, y=0.5613+0.4387 exp(-1.0262x), R2 = 0.90





ferrate treatment resulted in higher removals of NOM and DBP precursors compared to the 
other three scenarios. Bose and Reckhow (2007) observed that coagulation with 
intermediate ozonation also performed better than preozonation for NOM removal only 
when followed by a second stage of coagulation. These authors proposed that the first stage 
of coagulation removed the more aromatic, moderately hydrophobic humic substances, 
while subsequent ozonation had positive effects on coagulation for the remaining 
hydrophilic non-humic components of NOM. It seems to follow that a similar phenomenon 
occurred in the intermediate-ferrate tests. After the moderately-hydrophobic substances 
were removed by the initial coagulation and particle removal processes, intermediate-
ferrate treatment also resulted in partial oxidation and improved removal of the remaining 
organics which were recalcitrant to coagulation. In this case, a second stage of conventional 
coagulation was not performed, but similar coagulation-like removal may have occurred. 
Iron fractionation tests showed that the Fe(III) resulting from ferrate decay during the 
intermediate-ferrate process primarily existed as particulate iron that was effectively 
removed by filtration. Note that this is different from direct ferrate oxidation after which 
the iron resulting from ferrate decay predominantly existed in colloidal form (data now 
shown). Goodwill et al. (2015) observed that ferrate-produced particles in natural waters 
with NOM present existed mainly as colloids, while in deionized water buffered with 
borate or bicarbonate and without NOM, only large particles (operationally defined as 
particles not passing a GF/F filter) are formed. This is in agreement with our observation 
in that for the direct ferrate oxidation process, ferrate reacted in the natural water matrix, 
and thus colloidal iron is the dominant species, whereas for the intermediate-ferrate process, 
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as coagulation has already removed a significant amount of NOM, ferrate oxidation 
occurred more like it does in buffered DI water without NOM, and thus larger particulate 
iron is the dominant form. 
4.4 Implications for water treatment 
The results of this study show that ferrate can be used in a conventional treatment train for 
oxidation and disinfection without resulting in increases in regulated or even many of the 
non-regulated DBPs. In fact, use of ferrate will often lead to lower DBP levels. Precursor 
removal by the four scenarios investigated in this study was highest for conventional 
treatment with intermediate-ferrate treatment. Next in order of effectiveness were pre-
ferrate treatment with conventional treatment, along with ferric chloride coagulation in 
conventional treatment without pre-oxidation. The least effective was direct ferrate 
oxidation alone. Much like ozone, moderate doses of ferrate (25−50 µM) resulted in an 
average of about 30% immediate destruction of THM precursors. When followed by 
coagulation and particle removal, the added benefit of pre-oxidation was diminished. 
However, when ferrate oxidation followed coagulation (i.e., intermediate-ferrate 
treatment), the added benefits of ferrate on THM precursor removal were greater than 
expected from simple direct oxidation. This apparent synergy between coagulation and 
subsequent ferrate treatment is similar to that noted for intermediate ozonation with two 
stages of coagulation. Other DBP precursors behaved in a qualitatively similar fashion. For 
most scenarios, the relative beneficial impacts of ferrate on DBP precursors followed the 
94 
 
order of THAAs > THMs > DHANs > DHAAs > HKs. Ferrate resulted in higher levels of 
chloropicrin under all scenarios tested. 
This study also offers some insight on the possible modes of action of ferrate with 
NOM. First the observed pH effects suggest that either protonated Fe(VI) species or 
partially reduced iron species (i.e., Fe(V) or Fe(IV)) are of greater importance in precursor 
oxidation than FeO4
2−. Second, ferrate appears to diminish the ability of some NOM 
molecules to be removed by coagulation, while it may improve the treatability of others. 
Finally, ferrate shows the same selectivity or preference for reaction with different DBP 





COMPARISON OF THE EFFECTS OF FERRATE AND OZONE PRE-
OXIDATION ON DISINFECTION BYPRODUCT FORMATION FROM 
CHLORINATION AND CHLORAMINATION 
5.1 Introduction 
Drinking water disinfection with chlorine has caused a great deal of concern because more 
than 300 disinfection byproducts (DBPs) with potential adverse health effects have been 
detected in chlorinated waters (Richardson et al., 2000). Among the known DBP species, 
trihalomethanes (THMs) and haloacetic acids (HAAs) are the two most prevalent groups 
formed in chlorinated water and have been regulated by the US EPA (USEPA, 2006). Other 
unregulated DBPs, e.g., iodinated THMs (I-THMs), haloacetonitriles (HANs), haloketones 
(HKs), and chloropicrin (CP), have raised special attention due to their potential of causing 
mutagenic and carcinogenic effects (Daniel et al., 1986; Plewa et al., 2004a, 2002; 
Robinson et al., 1989). The formation of brominated and iodinated DBPs in waters with 
elevated levels of bromide and iodide requires special attention because brominated and 
iodinated DBPs are more toxic than their chlorinated analogues (Plewa et al., 2004b). To 
control DBP formation in finished water, monochloramine which only produces trace 
amount of THMs and trihalogenated HAAs (THAAs), has been used as an alternative 
disinfectant in drinking water treatment (Diehl et al., 2000). On the other hand, use of pre-
oxidants such as ozone can help control taste and odor, improve coagulation performance, 
provide primary disinfection, and oxidize natural organic matter (NOM) including DBP 
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precursors (Camel and Bermond, 1998). Ozone was found to destruct chlorination DBP 
precursors with the order of DHANs > THMs ≈ THAAs > DHAAs, and also reduced the 
yields of DHAAs and THMs from chloramination (Hua and Reckhow, 2013b; Wert and 
Rosario-Ortiz, 2011). However, pre-ozonation followed by chlorination was found to 
increase CP formation by 2−5 times in different waters (Hoigné and Bader, 1988; 
Jacangelo et al., 1989). 
Ferrate (Fe(VI)) has been proposed as an alternative pre-oxidant in drinking water 
treatment for many years. In addition to being a powerful disinfectant (Hu et al., 2012; 
Jiang et al., 2007; Schink and Waite, 1980), ferrate can oxidize many aquatic pollutants 
while producing little hazardous byproducts (Sharma, 2010a; Virender K. Sharma, 2013, 
2011). Also, ferric iron resulting from ferrate decomposition might serve as an in-situ 
coagulant. For DBP precursor removal, ferrate oxidation has been found to decrease the 
formation of THMs, HAAs, HANs, and HKs from chlorination, and I-THMs and N-
nitrosodimethylamine (NDMA) from chloramination (Gan et al., 2015; Jiang et al., 2016a; 
Lee et al., 2008; Yang et al., 2013; Zhang et al., 2015). Compared to ozone, ferrate 
oxidation does not produce significant levels of bromate due to the slow reaction rate 
between ferrate and bromide (Jiang et al., 2016b). In many ways, ferrate can be considered 
a simple alternative to ozone. However, no research has directly compared the effects of 
ferrate and ozone pre-oxidation on DBP formation from chlorination or chloramination, 
especially when there was elevated levels of bromide and iodide. 
The principal objectives of this research were (1) to investigate DBP formation under 
various oxidation scenarios (chlorine, chloramine, both with ferrate pre-oxidation, and both 
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with pre-ozonation); (2) compare the effectiveness of ferrate with ozone pre-oxidation for 
DBP control; and (3) to determine the effect of oxidant dose, and bromide and iodide 
concentrations on DBP precursor removal by ferrate and ozone. 
5.2 Material and methods 
5.2.1 Chemicals and reagents 
Potassium ferrate (K2FeO4, 92%), potassium bromide (99.95%), potassium iodide 
(99.99%), and other reagents were purchased from Sigma-Aldrich (St. Louis, MO, US) or 
Fisher-Scientific (Fair Lawn, NJ, US). All aqueous solutions were prepared with ultrapure 
water produced by a Milli-Q system (Advantage A10, Millipore, Billerica, MA). The 
chlorine was sourced as a laboratory grade ~5.5% solution of sodium hypochlorite (Fisher-
Scientific). 
5.2.2 Natural water samples 
Two water samples used as the sources of DBP precursors for this study were collected 
from the drinking water utilities in Gloucester (GL), MA and Norwalk (NW), CT. Table 
5.1 shows the chemical characteristics of the raw waters. The dissolved organic carbon 
(DOC) concentration of the GL and NW waters were 4.0 and 3.2 mg/L, respectively. The 
GL water had much higher UV254 absorbance and specific UV absorbance (SUVA) values 
than the NW water, indicating the GL water contained a higher level of hydrophobic and 
aromatic natural organic matter (NOM) than the NW water (Edzwald and Tobiason, 1999). 
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The waters also contained low concentrations of bromide, 51.2 and 28.7 µg/L for the GL 
and NW water, respectively. 
Table 5.1. Raw water characteristics 









Gloucester (GL), MA 6.0 51.2 4.0 0.24 6.0 
Norwalk (NW), CT 7.2 28.7 3.2 0.11 3.4 
5.2.3 Experimental methods 
The raw waters were treated at bench scale under various oxidation scenarios (chlorine, 
chloramine, both with ferrate pre-oxidation, and both with pre-ozonation). For each raw 
water, two typical doses of ferrate and ozone (low and high, see Table 2) were added and 
the pH was monitored and adjusted to 7.0 by dropwise addition of sodium hydroxide or 
sulfuric acid solutions. The ferrate and ozone doses for the GL water were about twice 
those for the NW water due to the higher DOC and UV254 absorbance values of the GL 
water. Ferrate oxidation was initiated by adding a weighed amount of K2FeO4 solids to the 
waters under rapid mixing at 20 ºC. For pre-ozonation, an ozone stock solution was firstly 
prepared by bubbling an ozone and oxygen mixture through 2-L chilled deionized (DI) 
water in a glass reactor, and then ozonation was conducted in a batch mode by adding a 
certain volume of the saturated ozone stock solution (c.a., 24 mg/L) to the raw water 
samples. After ferrate or ozone was depleted through reaction, the samples were filtered 
(glass fiber filter (GF/F), effective size cutoff of 0.7 μm, Whatman, Clifton, NJ) and saved 
for subsequent chlorination or chloramination. 
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Chlorination and chloramination were conducted on both raw water samples and pre-
oxidized samples in 300-mL chlorine demand-free, glass-stoppered bottles. Chloramine 
was sourced as preformed monochloramine prepared by mixing aqueous ammonium 
sulfate and sodium hypochlorite solutions at a Cl2/N molar ratio of 0.8:1. The pH of both 
solutions was adjusted to 8.5 before mixing (Hua and Reckhow, 2007b). Preformed 
monochloramine was prepared freshly before each use. The same chlorine or chloramine 
doses were applied to the raw water and pre-oxidized water for each sample. Chlorine and 
chloramine doses were determined based on preliminary demand testing of the raw waters. 
The target residuals were 0.5−1.5 mg Cl2/L for both free chlorine and chloramine after a 
72-h incubation time at 20 ºC and pH 7.0 (5 mM phosphate buffer) in the dark. The samples 
were incubated headspace-free after being dosed with chlorine or chloramine. Each water 
was also spiked with different concentrations of bromide (0.15 or 0.8 mg/L) and iodide 
(0.05 or 0.2 mg/L) before being treated by the above oxidation scenarios. Table 5.2 








Table 5.2 Oxidation Conditions 
Parameters 
Conditions 
GL water NW water 
Bromide added (mg/L) 0 0.15 0.8 0 0.15 0.8 
Iodide added (mg/L) 0 0.05 0.2 0 0.05 0.2 
pH 7.0 
Pre-ferrate dose (mg/L) 
Low (L-Fe(VI)) 2.8 1.4 
High (H-Fe(VI) 5.6 2.8 
Pre-ozone dose (mg/L) 
Low (L-O3) 2.2 1.2 
High (H-O3) 4.0 2.3 
Chlorine/chloramine residual 0.5−1.5 mg/L 
Disinfectant contact time 72 h 
Temperature 20 ºC 
5.2.4 Analytical methods 
The DBPs analyzed in this study included four chlorine- and bromine-containing THMs 
(THM4), nine chlorine- and bromine-containing HAAs (HAA9), three dihaloacetonitriles 
or DHANs (dichloro-, bromochloro-, and dibromoacetonitriles), two haloketones or HKs 
(dichloropropanone (DCP) and trichloropropanone (TCP)), and chloropicrin (CP). In 
addition, total organic chlorine (TOCl), total organic bromine (TOBr), and total organic 
iodine (TOI) were determined for bromide and iodide spiked samples. Six iodinated THMs 
(CHCl2I, CHBr2I, CHBrClI, CHClI2, CHBrI2, and CHI3) were also analyzed in iodide-
fortified samples. Chlorine and chloramine residuals were quenched by sodium arsenite at 
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the end of incubation. THM4, DHANs, HKs, and CP were determined by liquid/liquid 
extraction with pentane followed by gas chromatography and electron capture detection 
(GC/ECD) according to USEPA Method 551.1. HAA9 were quantified by liquid/liquid 
extraction with methyl-tertiary-butyl-ether (MtBE) followed by derivatization with acidic 
methanol and by GC/ECD according to USEPA Method 552.2. Iodinated THMs (I-THMs) 
were analyzed by liquid/liquid extraction with pentane followed by GC/ECD, using 1,2-
dibromopropane as an internal standard (Hua et al., 2006). Halogen-specific total organic 
halogen (TOX, including TOCl, TOBr, and TOI) were determined by high-temperature 
combustion and off-line ion chromatography (Hua and Reckhow, 2006). Bromate was 
analyzed by an ultra-performance liquid chromatography−triple quadrupole mass 
spectrometer (UPLC−MS/MS; Waters Corp., Milford, MA). 
5.3 Results and discussion 
5.3.1 Effect of ferrate and ozone pre-oxidation on the formation of THMs, THAAs, 
DHAAs, and DHANs from chlorination 
Figure 5.1 shows the speciation of THMs, DHAAs, THAAs, and DHANs at various 
bromide concentrations under different oxidation scenarios. The GL water with higher 
DOC and SUVA values had higher DBPFPs than the NW water. Increasing the bromide 
concentration clearly shifted the formation of chlorinated DBPs to brominated ones. This 
is because chlorine can rapidly oxidize bromide to free bromine (Kumar and Margerum, 
1987), and bromine reacts about 10 times faster with NOM isolates than chlorine 
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(Westerhoff et al., 2004). With more bromine produced at higher bromide concentrations, 
brominated DBPs became dominant whereas the formation of chlorinated DBPs was 
diminished. Without pre-oxidation, the total yield in each DBP class did not significantly 
change with the bromide concentration. This is because the total number of reactive sites 
on NOM which can react with free chlorine and bromine is approximately constant. Note 
that more DHANs were detected at higher bromide concentrations. Yu and Reckhow (2015) 
reported that the brominated DHANs were more stable than the chlorinated ones. Based on 
their estimation, the half-lives of dichloroacetonitrile (DCAN), bromochloroacetonitrile 
(BCAN), and dibromoacetonitrile (DBAN) at pH 7 with 6−9 mg/L chlorine were about 3 
days, 1 week, and 3 weeks, respectively (Yu and Reckhow, 2015). At 0 and 0.15 mg/L 
bromide, the dominant DHAN species was DCAN which might have partly degraded after 
three days of chlorination. Therefore, the total DHAN yields at different bromide 
concentrations would still be close if the degraded DCAN at lower bromide concentrations 
was taken into consideration. 
In the GL water, ferrate generally had a greater impact on decreasing the DBPFPs than 
ozone. The only exception was at 0.8 mg/L bromide where ferrate had slightly lower 
removal of DHAA and THAA precursors than ozone. The lower doses of ferrate and ozone 
decreased the DBPFPs by 17.5−31.2 and 16.0−22.2% for THMs, 6.6−20.6 and 5.0−8.8% 
for DHAAs, 7.7−33.1 and 9.1−20.0% for THAAs, and 20.0−33.1 and 16.0−26.4% for 
DHANs, respectively. The higher doses of ferrate and ozone decreased the DBPFPs by 
38.4−49.8 and 38.2−44.0% for THMs, 25.8−30.7 and 19.8−26.0% for DHAAs, 37.4−49.7 
and 39.8−45.7% for THAAs, and 33.8−52.4 and 34.0−47.7% for DHANs, respectively.  
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In the NW water, ferrate and ozone had comparable effects in decreasing the THM 
yield from chlorination. The lower doses of ferrate and ozone decreased the THM 
formation potentials (THMFPs) by 17.7−23.6 and 20.6−26.2%, and the higher doses of 
ferrate and ozone decreased the THMFPs by 39.2−46.6 and 36.1−42.9%, respectively. For 
DHAAs, ferrate led to similar or slightly higher reductions in DHAA yield than ozone at 
the higher doses, whereas ozone performed better at the lower doses. The lower doses of 
ferrate and ozone decreased the DHAAFPs by -0.5−5.8 and 8.8−17.2%, and the higher 
doses of ferrate and ozone decreased the DHAAFPs by 23.2−28.9 and 17.5−26.0%, 
respectively. Ozone caused greater decreases in THAA and DHAN yields than ferrate 
under all conditions in the NW water. The lower doses of ferrate and ozone decreased the 
DBPFPs by -6.1−4.4 and 24.4−27.1% for THAAs, and by 9.3−14.7 and 10.6−17.1% for 
DHANs, respectively. The higher doses of ferrate and ozone decreased the DBPFPs by 
18.5−34.4 and 45.7−50.7% for THAAs, and by 27.5−31.3 and 33.4−41.3% for DHANs, 
respectively. In addition, DHAA and THAA precursor removal by ferrate generally 
decreased in the presence of bromide, whereas for ozone at the higher dose, the decreases 

























































































































































































Figure 5.1 Speciation of THMs, DHAAs, THAAs, and DHANs at various bromide 
concentrations under different oxidation scenarios for a) the GL water and b) the NW 
water. 
These results showed that the relative performance of ferrate versus ozone for DBP 
precursor removal was affected by water quality (e.g., nature of organic matter and bromide 
concentration), DBP species, and oxidant dose. Ferrate generally achieved higher DBP 


















































































































































































NOM. In the NW water, at 0 and 0.15 mg/L bromide, ferrate achieved greater THM and 
DHAA precursor removal than ozone at the higher doses, whereas at the lower doses, 
ozone performed better than ferrate. At 0.8 mg/L bromide, ozone caused greater decreases 
in THM and DHAA yield than ferrate at both doses. It seems that in the NW water the ratio 
of oxidant dose to bromide concentration determined the better oxidant for THM and 
DHAA precursor removal. Ferrate performed better at the higher oxidant to bromide ratio, 
whereas ozone was more effective at the lower oxidant to bromide ratio. For THAAs and 
DHANs, ozone generally achieved higher precursor removal than ferrate under all 
conditions in the NW water. 
Song et al. (2016) found ferrate preferentially oxidizes hydrophobic/transphilic NOM 
fractions and high MW molecules. This might explain the better performance of ferrate in 
the GL water for DBP precursor removal. In the NW water containing NOM with a 
different nature, incomplete oxidation/transformation of NOM at the lower ferrate dose 
might have produced new DBP precursors. For example, the formation potentials of 
DHAAs and THAAs at 0.15 and 0.8 mg/L bromide were slightly increased by the lower 
dose of ferrate. It is likely that in the NW water, the organic byproducts produced by the 
lower dose of ferrate were reactive with bromine to form DHAAs and THAAs. Similarly, 
Hua and Reckhow (2013) reported that ozone increased the DHAA and had limited effects 
on the THM and THAA yields in low SUVA waters. In addition, ferrate and ozone 
generally decreased the yields of chlorinated species in each DBP class. However, due to 
the high reactivity of bromine for reactions with NOM, the formation of brominated DBPs 
was less affected by pre-oxidation. This less significant effect of pre-oxidation on 
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brominated DBP formation was also indicated by the increased bromine substitution factor 
(BSF, i.e., the ratio of the molar concentration of bromine incorporated into a given class 
of DBP to the total molar concentration of chlorine and bromine in that class; Hua et al., 
2006; see Figure A.9 in Appendix) with pre-oxidation. In addition, bromine is more 
reactive with hydrophilic and low MW precursors regarding THM and HAA formation 
(Hua and Reckhow, 2007c). Therefore, the BSFs of the specific DBP classes for the NW 
water were generally higher than those for the GL water. 
Figure 5.2 shows the formation of bromate after ferrate and ozone oxidation (without 
chlorination) in the GL water. At equivalent doses, the bromate yields from ozonation were 
2.5−4.5 times those from ferrate oxidation. The maximum contaminant level (MCL) of 
bromate in drinking water (10 µg/L; regulated by the USEPA) was exceeded when the 
water was oxidized by the higher dose of ozone (4 mg/L) at 0.8 mg/L bromide. The bromate 
yields from ferrate oxidation were below 4 µg/L under all conditions. These results 
generally agreed with a previous study that found the bromate yields from ferrate oxidation 
(2.8 mg/L) of a natural water in the presence of 1.0 mg/L bromide were 21.5 and 1.87 µg/L 




Figure 5.2 Effect of ferrate and ozone pre-oxidation on bromate formation at different 
bromide concentrations. 
5.3.2 Effect of ferrate and ozone pre-oxidation on the formation of 
trichloropropanone (TCP) and chloropicrin (CP) from chlorination 
Only the TCP formation potential (TCPFP) was shown for chlorination because TCP is the 
dominant HK species formed with chlorination and dichloropropanone (DCP) was below 
the detection limit. Previous studies also found free chlorine favored the formation of TCP 
over DCP (Hua and Reckhow, 2007b). Figure 5.3 shows that ozone led to higher TCPFP 
than ferrate under all conditions. At the lower doses, ferrate slightly increased the TCPFP 
by 0.3 and 8.8% for the GL and NW water, respectively, whereas at the higher doses, 
ferrate decreased the TCPFP by 26.4 and 3.6%, respectively. Ferrate was reported to have 
small and site-specific effects on HK formation potentials (Jiang et al., 2016a; Yang et al., 
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2013). Ferrate could affect the formation of HKs by destroying chlorine-reactive sites that 
lead to HKs. On the other hand, ferrate oxidation might produce ketones, some of which 
are known HK precursors. In contrast, ozone pre-oxidation increased the TCPFP under all 
conditions. The low and high doses of ozone increased the TCPFP by 17.4 and 22.8% for 
the GL water, and by 24.2 and 53.0% for the NW water, respectively. Ketones constitute a 
major class of organic byproducts of ozonation. The production of ketones might have 
exceeded the destruction of HK precursors by ozone. Therefore, the formation of TCP was 
enhanced by pre-ozonation under all conditions. 
For chloropicrin (CP), both ferrate and ozone pre-oxidation increased its formation 
potential. The lower doses of ferrate increased the CP formation potential (CPFP) by 28.6 
and 26.3%, and the higher doses of ferrate increased the CPFP by 25.0 and 19.7% for the 
GL and NW water, respectively. With ozone, increases of 18.3 and 86.3% at the lower 
doses, and 226.5 and 831.1% at the higher doses were observed for the GL and NW water, 
respectively. These results showed that ozone pre-oxidation led to much higher CP yields 
than ferrate, and the CPFP greatly increased with ozone dose but not with ferrate. Jiang et 
al. (2016a) observed increases in CPFP up to 95% with ferrate pre-oxidation, and pre-
ozonation was reported to increase the CPFP by 2−5 times in different waters (Hoigné and 
Bader, 1988; Hu et al., 2010b; Jacangelo et al., 1989). Ozonation/chlorination treatment of 
lysine, glycine, and triethanolamine produced high CP yields (Hoigné and Bader, 1988; 
Shan et al., 2012), and new CP precursors were formed through oxidation of amine groups 
to nitro groups (Bond et al., 2014; McCurry et al., 2016). It seems that ozone created more 
nitro groups than ferrate by oxidizing organic amines. In addition, the higher dose of ozone 
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increased the CPFP of the NW water to a much greater extent than the GL water. This 
might be because the NW water contained more hydrophilic NOM than the GL water and 
the hydrophilic fractions of NOM were determined as the major halonitromethane 
precursors (Hu et al., 2010a). 
 
Figure 5.3 Effect of ferrate and ozone pre-oxidation on the formation of TCP and CP 
from chlorination. 
5.3.3 Effect of ferrate and ozone pre-oxidation on the formation of TOCl, TOBr, and 
TOX from chlorination 
Figure 5.4 shows the formation of TOCl, TOBr, and TOX in the presence of different 
concentrations of bromide under different oxidation scenarios. Without pre-oxidation, the 






























































































also attributed to the constant number of reactive sites on NOM to react with chlorine and 
bromine. As bromine was more reactive with NOM, increasing the bromide concentration 
decreased the TOCl but increased the TOBr yield. The fraction of chlorine incorporated 
into TOCl (TOCl concentration divided by the chlorine dose) for the GL and NW water 
decreased from 33.2 and 27.1% at 0 mg/L bromide, to 21.7 and 23.5% at 0.8 mg/L bromide, 
respectively. These chlorine incorporation ratios indicate that the reactive sites on NOM 
only reacted with a small fraction of added chlorine. The fraction of bromide incorporated 
into TOBr was about 100% for both waters when fortified with 0 and 0.15 mg/L bromide, 
whereas the bromide incorporation ratio at 0.8 mg/L bromide was about 86.6 and 65.2% 
for the GL and NW water, respectively. These bromide incorporation ratios suggest that 
the reactive sites on NOM reacted with all bromine produced at 0.15 mg/L bromide but 
were insufficient for 0.8 mg/L bromide. 
Ferrate and ozone pre-oxidation generally decreased the TOCl but did not significantly 
change the TOBr yields. Note that for the NW water at 0.8 mg/L bromide, the higher dose 
of ferrate decreased the TOBr yield by about 34%, and pre-ozonation decreased the TOBr 
yield by 33.0 and 51.8% at the low and high doses, respectively. For the GL water with 
more hydrophobic NOM, pre-oxidation caused fragmentation and shifts from hydrophobic 
to hydrophilic NOM, some of which were still reactive with bromine. With some reactive 
sites destroyed and new ones created, pre-oxidation did not significantly change the TOBr 
yield. In contrast, for the NW water with lower SUVA value, pre-oxidation might have 
destroyed the reactive sites with fewer new sites produced. Therefore, the TOBr yield in 
the NW water was decreased by pre-oxidation at 0.8 mg/L bromide. Note that no 
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significant decreases in TOBr yield were observed for the other two bromide 
concentrations. This is because at 0 and 0.15 mg/L bromide, the remaining reactive sites 
after pre-oxidation were still suffcient to react with all bromine despite of the decreased 
amount of reactive sites. As for TOCl, chlorine was in excess of the reactive sites under all 
conditions. Pre-oxidation destroyed the reactive sites on NOM and thus decreased the 
TOCl yield. As TOX was dominated by TOCl, TOX showed similar trends as TOCl and 
was decreased by pre-oxidation. 
 
Figure 5.4 Effect of ferrate and ozone pre-oxidation on TOCl, TOBr, and TOX yields 
from chlorination at different bromide concentrations. 
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Figure 5.5 shows that TOBr had linear relationships with the bromine concentration in 
each specific DBP class, suggesting that the variation of bromine concentration in known 
DBP species can indicate the change in TOBr concentration under different oxidation 
scenarios. However, TOCl did not have good linear relationships with the chlorine 
concentration in each DBP class (data not shown). Figure 5.6 shows that ferrate and ozone 
pre-oxidation decreased the unknown TOX (UTOX) yield under most conditions. Without 
pre-oxidation, the UTOX/TOX ratios at different bromide concentrations ranged from 
0.5−0.6 and 0.6−0.7 for the GL and NW water, respectively. Ferrate and ozone pre-
oxidation generally did not significantly change the UTOX/TOX ratio, which was due to 
the destruction of both known and unknown DBP precursors by pre-oxidation. 
Nevertheless, some increases in the UTOX/TOX ratio were observed, especially at high 
ozone doses. 
 
Figure 5.5 Correlations between the TOBr concentration and the bromine 
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Figure 5.6 Effect of ferrate and ozone pre-oxidation on UTOX and UTOX/TOX ratio 
at different bromide concentrations with chlorination. 
5.3.4 Effect of ferrate and ozone pre-oxidation on the formation of iodinated DBPs 
from chlorination 
Figure 5.7 shows the I-THMs, TOI, unknown TOI (UTOI), and UTOI/TOI ratio under 
different oxidation scenarios. With chlorination only (no pre-oxidation), 
dichloroiodomethane (CHCl2I) was the dominant I-THM species. The fraction of iodide 
incorporated into TOI was 25.1 and 15% at 0.05 mg/L iodide, and 12.6 and 7.4% at 0.2 
mg/L iodide for the GL and NW water, respectively. These low iodide incorporation ratios 
were due to the oxidation of iodide to iodate by free chlorine (Bichsel and Von Gunten, 
1999; Hua and Reckhow, 2007b; Hua et al., 2006). Hua and Reckhow (2007a) observed 
that hydrophilic and low MW precursors produced more I-THMs, whereas hydrophobic 
and high MW precursors were more reactive with iodine in TOI and UTOI formation. Our 
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results also showed that the specific TOI and UTOI yields (normalized to the DOC 
concentration) were higher for the GL water, whereas the specific I-THM yields 
(normalized to the DOC concentration) were similar for the two waters. Without pre-
oxidation, the UTOI/TOI ratio was also higher for the GL water and it decreased with the 
iodide concentration. 
Pre-oxidation greatly decreased the formation potential of CHCl2I and the total I-THM 
yield. Other I-THM species, e.g., CHClBrI and CHBr2I, accounted for larger fractions of 
the total I-THMs as a result of pre-oxidation. Ferrate and ozone can oxidize iodide to iodate, 
leaving less iodide to be oxidized to iodine during chlorination, which eventually decreased 
the formation of iodinated DBPs (Bichsel and Von Gunten, 1999; Zhang et al., 2015). 
Table 5.3 shows that for I-THM precursor removal, ozone performed slightly better than 
ferrate in the GL water, whereas ferrate achieved greater I-THM yield reduction in the NW 
water. Ozone caused lower TOI formation from chlorination than ferrate in both waters. In 
addition, the percentage of reduction in I-THM yield increased with iodide concentration, 
whereas the removal of TOI precursors decreased when the iodide concentration was 
increased. The UTOI yield was decreased by ferrate and ozone pre-oxidation at 0.05 mg/L 
iodide, whereas some increases were observed at 0.2 mg/L iodide (see Figure 5.7). The 
UTOI/TOI ratio was generally increased by pre-oxidation, which was due to the greater 
decreases in I-THM yield than the TOI yield caused by pre-oxidation. Ferrate pre-oxidation 




Figure 5.7 Effect of ferrate and ozone pre-oxidation on I-THMs, TOI, UTOI, and 
UTOI/TOI ratio at different iodide concentrations with chlorination. 
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Table 5.3 The percentage of reduction in I-THM and TOI yields by ferrate and 





Reduction in  
I-THM yield* (%) 
Reduction in  
TOI yield (%) 
 Dose GL NW GL NW 
0.05 
Ferrate 
Low 48.6  45.2  34.4  42.7  
High 68.2  69.6  47.8  53.1  
Ozone 
Low 49.9 37.0 58.5 54.7 
High 71.4 54.2 59.7 55.9 
0.2  
Ferrate 
Low 53.4  48.7 24.0  3.95 
High 85.8  80.8 24.6  19.9 
Ozone 
Low 74.2 39.2 32.6 20.6 
High 88.9 74.7 59.3 37.0 
* I-THM yield was calculated by adding up the mass-based concentrations of the six I-
THM species. 
5.3.5 Effect of ferrate and ozone pre-oxidation on the formation of THMs, DHAAs, 
and DHANs from chloramination 
Figure 5.8 shows the speciation of THMs, DHAAs, and DHANs at various bromide 
concentrations under different oxidation scenarios. Generally, the DBPFPs with 
chloramination were much lower than those with chlorination. The results for THAAs are 
not shown because chloramine produced little THAAs, and DHAAs were the most 
abundant DBP species detected for chloramination (Diehl et al., 2000). Without pre-
oxidation, increasing the bromide concentration shifted the formation of chlorinated DBPs 
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to brominated ones, which was similar to that observed for chlorination. Other studies also 
found bromide increased the formation of brominated DBPs during chloramination (Diehl 
et al., 2000; Yang et al., 2007). Bromide can react with chloramine forming 
bromochloramine (Luh and Mariñas, 2014), and the bromine atom of bromochloramine is 
very labile and reactive (Valentine, 1986). Therefore, bromochloramine may play 
important roles in DBP formation and the products are similar to those produced by free 
bromine (Diehl et al., 2000). This formation of reactive bromochloramine might also have 













































































































































































































Figure 5.8 Effect of ferrate and ozone pre-oxidation on the formation of THMs, 
DHAAs, and DHANs from chloramination at different bromide concentrations for a) 
the GL water and b) the NW water. 
Figure 5.9 shows the percentage of reductions in THM, DHAA, and DHAN yields 
caused by pre-oxidation. Note that the yields were calculated by adding up the molar 
concentrations of all species in each group. The reduction in THM yield by pre-oxidation 
decreased when the bromide concentration was increased. At 0 and 0.15 mg/L bromide, 
different doses of ferrate and ozone decreased the THMFPs of the two waters by 4.3−35.8 
and 23.6−52.9%, respectively. However, at 0.8 mg/L bromide, increases in THM yield 















































































































































































































16.0−82.1%. Ozone decreased the THMFP of the GL water by 12.4 and 19.8%, but 
increased the THMFP of the NW water by 11.7 and 32.2% at the low and high doses, 
respectively. These increases in THMFP at elevated bromide level can be attributed to two 
aspects: First, ferrate and ozone are able to oxidize bromide forming free bromine (Haag 
and Hoigné, 1983; Jiang et al., 2016b). The higher reactivity of bromine than chloramine 
for the reactions with NOM can lead to higher THMFPs. Secondly, pre-oxidation might 
have transformed NOM into forms that reacted with bromochloramine more readily and 
produced THMs. Pre-oxidation should not have increased the reactivity of NOM with 
chloramine, otherwise the THMFPs at 0 and 0.15 mg/L bromide would have been increased 
by pre-oxidation as well. The reason for the decreases in THMFPs at 0 and 0.15 mg/L 
bromide might be that little bromochloramine was produced at low bromide levels and pre-
oxidation partly destroyed the precursors that react with chloramine. In general, we prefer 
the second explanation over the first one because little THMs or other DBP species were 
detected in the GL water after direct ferrate oxidation (data not shown). Furthermore, the 
formation potentials of CHBrCl2 and CHBr2Cl were also increased by pre-oxidation. If the 
increased DBPFPs were due to the reaction between NOM and produced free bromine, 
only the CHBr3 yield should have been increased. Nevertheless, more studies need to be 
done to investigate the reactivity of NOM in pre-oxidized water with bromochloramine. 
Also, the DBP formation after direct ozonation of natural waters with elevated levels of 
bromide needs to be determined to identify the contribution from ozonation. 
Different from that observed for THMs, ferrate and ozone decreased the DHAA 
formation potentials (DHAAFPs) almost under all conditions. The lower doses of ferrate 
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and ozone decreased the DHAAFPs by -0.6−10.0% and 7.2−18.7%, and the higher doses 
of ferrate and ozone decreased the DHAAFPs by 18.0−36.2 and 15.1−40.3%, respectively. 
These decreases in DHAAFP indicated that the destruction of DHAA precursors by pre-
oxidation exceeded the newly produced precursors, if any, which can react with chloramine 
or bromochloramine forming DHAAs. Nevertheless, the reductions in DHAA yield by pre-
oxidation were the lowest at 0.8 mg/L bromide. 
Ferrate pre-oxidation generally led to lower DHAN formation potentials (DHANFPs) 
than ozone. However, increases in DHANFPs were also observed for both pre-oxidants, 
especially in the GL water. The reason for the increased DHAN yield with pre-oxidation 
should be similar to that for enhanced THM formation, either due to the formation of free 
bromine or increased reactivity of NOM toward bromochloramine or chloramine. Figure 
5.9 shows that different doses of ferrate and ozone increased the DHANFP by 11.8−44.7 
and 17.9−67.3% for the GL water, and decreased the DHANFP by 18.2−36.9 and -6.1−10.1% 
for the NW water, respectively. These big differences between the two waters indicated 
that the effect of pre-oxidation on DHAN formation from chloramination was greatly 
affected by the water qualities. Ferrate and ozone pre-oxidation also increased the BSFs of 




Figure 5.9 The percentage of reduction in THM, DHAA, and DHAN yields from 
chloramination by ferrate and ozone pre-oxidation. 
5.3.6 Effect of ferrate and ozone pre-oxidation on the formation of DCP and CP from 
chloramination 
Different from chlorination, the dominant HK species with chloramination is DCP. TCP 
was below detection limit due to the inability of chloramine to produce trihalogenated 
byproducts (Hua and Reckhow, 2007b). Figure 5.10 shows that for DCP, the lower doses 
of ferrate slightly increased the DCP formation potential (DCPFP), and increasing the 
ferrate dose decreased the DCPFP. In contrast, the DCPFP was increased by ozone pre-
oxidation under all conditions. The lower doses of ozone increased the DCPFP by 34.2 and 

















































































































73.7%, and the higher doses of ozone increased the DCP yield by 53.8 and 126% for the 
GL and NW waters, respectively. These results indicate that the byproducts from oxidation, 
e.g. ketones, might be able to react with chloramine forming DCP. Ozone led to higher 
DCPFP than ferrate under all conditions. 
Similar to that observed for chlorination, the CP formation from chloramination was 
also increased by both pre-oxidants. Ozone pre-oxidation generally led to higher CP yields 
than ferrate. The CP formation potential (CPFP) of the GL water without pre-oxidation 
was below detection limit. Ferrate and ozone pre-oxidation follower by chloramination 
produced CP of 0.19 and 0.13 µg/L at the lower doses, and 0.25 and 0.33 µg/L at the higher 
doses, respectively. For the NW water, the lower doses of ferrate and ozone increased the 
CPFP by 32.0 and 78.7%, and the higher doses of ferrate and ozone increased the CP yield 




Figure 5.10 Effect of ferrate and ozone pre-oxidation on DCP and CP formation from 
chloramination. 
5.3.7 Effect of ferrate and ozone pre-oxidation on the formation of iodinated DBPs 
from chloramination 
Figure 5.11 shows the I-THMs, TOI, UTOI, and UTOI/TOI ratio at different iodide 
concentrations under different oxidation scenarios. Chloramine (without pre-oxidation) 
produced some amounts of iodoform (CHI3), which was not detected with chlorination (see 
Figure 5.7). The total I-THM yields for the GL were slightly lower with chloramination 
than with chlorination, whereas chloramine produced more I-THMs than chlorine in the 
NW water (compare Figure 5.7 and 5.11). Chloramine oxidized iodide to iodine and did 



















































contrast, free chlorine was able to oxidize iodide to iodate and thus decrease the formation 
potential of iodinated DBPs. Nevertheless, iodinated THMs could form during chlorination, 
especially when there was significant competition from NOM for iodine (Hua and 
Reckhow, 2007b). Therefore, no consistent trend regarding whether chlorine or chloramine 
produced more I-THMs was observed under the conditions of this study. On the other hand, 
the TOI yields were much higher with chloramination than with chlorination for both 
waters, possibly due to the oxidation of iodide to iodate by chlorine. At 0.05 and 0.2 mg/L 
iodide, the percentages of iodide incorporated into TOI with chloramination were 85.8 and 
73.5% for the GL water, and 56.2 and 53.7% for the NW water, respectively, much higher 
than those observed for chlorination. As mentioned above, hydrophobic and high MW 
precursors are more reactive with iodine in TOI and UTOI formation. Therefore, the 
specific TOI and UTOI yields with chloramination were also higher in the GL water than 
the NW water. 
Ferrate and ozone greatly decreased the formation potential of I-THMs, UTOI, and TOI, 
indicating their ability of oxidizing iodide to iodate. For I-THMs, the formation of CHCl2I 
was significantly suppressed by pre-oxidation, whereas some increases in CHBr2I yield 
were observed. Table 5.4 and Figure 5.11 showed that ferrate had slightly better 
performance in decreasing the I-THM yield than ozone in most cases, whereas ozone 
generally led to lower UTOI and TOI yields than ferrate. Under different conditions, ferrate 
and ozone decreased the yields by 69.4−98.0 and 49.1−97.2% for I-THMs, by 53.8−88.4 
and 65.0−92.7% for UTOI, and by 56.4−89.0 and 64.8−92.5% for TOI, respectively. 
Without pre-oxidation, the UTOI/TOI ratios ranged from 71.6−97.5%, indicating that I-
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THMs only constituted a small fraction of TOI. Pre-oxidation generally did not 
significantly change the UTOI/TOI ratio, but some increases were observed for the NW 
water at 0.2 mg/L iodide. 
 
Figure 5.11 Effect of ferrate and ozone pre-oxidation on I-THMs, TOI, UTOI, and 
UTOI/TOI ratio at different iodide concentrations with chloramination. 
















































































































































































































































































































Table 5.4 The percentage of reduction in I-THM and TOI yields by ferrate and 






I-THM yield* (%) 
Reduction in  
TOI yield (%) 
 Dose GL NW GL NW 
0.05 
Ferrate 
Low 86.0 69.4 66.6 56.4 
High 86.1 75.5 85.4 83.8 
Ozone 
Low 71.0 49.1 80.3 64.8 
High 79.5 76.8 92.5 82.1 
0.2  
Ferrate 
Low 84.4  92.8 72.0  75.2 
High 96.0  98.0 89.0  82.5 
Ozone 
Low 86.0 76.9 83.5 72.2 
High 92.3 97.2 92.2 89.9 
* I-THM yield was calculated by adding up the mass-based concentrations of the six I-
THM species. 
5.4 Implications for water treatment 
Ferrate and ozone pre-oxidation generally were comparable at equivalent doses for most 
DBP precursor removal. However, ozone increased the HK and CP yields to greater extents 
than ferrate. The relative performance of ferrate versus ozone for DBP precursor removal 
was greatly affected by water quality. For example, ferrate performed better in high-SUVA 
water and at low bromide concentrations. Therefore, cautions should be taken for use of 
ferrate to oxidize waters with high bromide concentrations and low SUVA values. 
Otherwise, some DBPFPs, e.g., DHAAFP, can be increased at low ferrate doses. In 
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addition, pre-oxidation might increase the reactivity of NOM with bromochloramine that 
was produced in bromide-containing waters during chloramination. These observations 
argued for special attention paid to DBP formation in waters with elevated levels of 






In general, ferrate shows great potential for drinking water treatment because: 1) at 
moderate doses ferrate is sufficiently stable to result in CT values that are effective to 
inactivate pathogens in natural waters; 2) the TOBr and bromate yields from ferrate 
oxidation were quite low; 3) ferrate oxidation following coagulation (i.e., intermediate-
ferrate treatment) showed substantially higher effectiveness for NOM and DBP precursor 
removal than conventional treatment; and 4) ferrate was comparable to ozone for 
decreasing DBP formation from chlorination and chloramination. The specific findings of 
this study are summarized below. 
In aqueous solutions, Fe(VI) decay is catalyzed by Fe(VI) decomposition products. 
Solutes capable of forming complexes with iron hydroxides retard Fe(VI) decay. 
Fractionation of the resulting solutions from Fe(VI) self-decay and ferric chloride addition 
in borate- and phosphate- buffered waters showed that phosphate could sequester Fe(III). 
The nature of the iron precipitate from Fe(VI) decomposition was different from that of 
freshly-precipitated ferric hydroxide from ferric chloride solutions. The stabilizing effects 
of different solutes on Fe(VI) are in the following order: phosphate > bicarbonate > borate. 
The constituents of colored and alkaline waters (NOM and bicarbonate) inhibited the 
catalytic effects of Fe(VI) decomposition products and stabilized Fe(VI) in natural waters. 
Because of the stabilizing effects of solutes, moderate doses of Fe(VI) added to natural 
waters at pH 7.5 resulted in exposures that have been shown to be effective for inactivation 
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of target pathogens. Pre-formed ferric hydroxide was less effective than freshly-dosed 
ferric chloride in accelerating Fe(VI) decomposition. 
Fe(VI) can oxidize bromide forming active bromine (HOBr/OBr−) and bromate, and in 
natural waters total organic bromine (TOBr) may also be detected. Results show that the 
highest levels of active bromine and bromate are formed at lower pH and in the absence of 
phosphate. Hydrogen peroxide, which forms from the reaction of Fe(VI) and water, plays 
an essential role in suppressing bromate formation by reducing active bromine back to 
bromide. Fe(VI) decomposition products (assumed to be particulate phase Fe(III)) could 
catalyze the decomposition of hydrogen peroxide by Fe(VI). Phosphate had more 
inhibiting effect on active bromine than on bromate formation. The presence of the raw 
water matrix in natural water suppressed bromate formation. For a natural water spiked 
with 0.1 mg/L of bromide, the bromate and TOBr concentrations after Fe(VI) oxidation 
were below 3.0 and 15 µg/L, respectively. No consistent trend regarding the effect of pH 
or buffer ions on TOBr formation was observed due to the competition between Fe(VI), 
hydrogen peroxide, and natural organic matter (NOM) for reaction with active bromine. 
Under environmentally relevant conditions, the formation of bromate and TOBr would not 
be a problem for Fe(VI) application as their concentration levels are quite low. 
The effectiveness of ferrate oxidation in combination with ferric chloride coagulation 
on the removal of natural organic matter (NOM) and disinfection byproduct (DBP) 
precursors was investigated. Results show that intermediate-ferrate treatment (i.e., 
coagulation and particle removal followed by ferrate oxidation) is most effective followed 
by pre-ferrate treatment (i.e., ferrate oxidation followed by coagulation and particle 
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removal (conventional treatment)) or conventional treatment alone (i.e., no oxidation), and 
the least effective is ferrate oxidation alone (i.e., no coagulation). At typical doses, direct 
ferrate oxidation of raw water decreases DBP formation potentials (DBPFPs) by about 30% 
for trihalomethanes (THMs), 40% for trihaloacetic acids (THAAs), 10% for dihaloacetic 
acids (DHAAs), 30% for dihaloacetonitriles (DHANs), and 5% for haloketones (HKs). The 
formation potential of chloropicrin (CP) consistently increases after direct ferrate oxidation. 
Pre-ferrate followed by conventional treatment is similar to conventional treatment alone 
for NOM and DBP precursor removal. Ferrate pre-oxidation has positive effects on 
subsequent coagulation/particle removal for THM and THAA precursor removal and may 
allow the use of lower coagulant doses due to the Fe(III) introduced by ferrate 
decomposition. On the other hand, intermediate-ferrate resulted in substantially improved 
removal of NOM and DBP precursors, which can be attributed to initial removal by 
coagulation and particle removal, leaving precursors that are particularly susceptible to 
oxidation by ferrate. The Fe(III) resulting from ferrate decay during intermediate-ferrate 
treatment is primarily present as particulate iron and can be effectively removed by 
filtration. 
Based on a comprehensive study of two natural waters, the impacts of ferrate and ozone 
pre-oxidation on DBP precursors were found to be comparable at equivalent doses for most 
of the DBPs. For example, a net decrease in THM (including iodinated THM), DHAA, 
THAA, DHAN, total organic chlorine (TOCl), and total organic iodine (TOI) yield was 
observed when either ferrate or ozone was followed by chlorination. Under these same 
conditions an increase in chloropicrin (CP) and little change in total organic bromine 
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(TOBr) yield was noted. However, ozone led to higher haloketone (HK) and CP formation 
potentials than ferrate. The relative performance of ferrate versus ozone for DBP precursor 
removal was affected by water quality (e.g., nature of organic matter and bromide 
concentration), DBP species, and oxidant dose. Ferrate and ozone oxidation also decreased 
the DBP formation from chloramination under most conditions. However, some increases 







Figure A.1 Fe(VI) decomposition with bromide present in phosphate-buffered DI 
water at (a) pH 6.2 and (b) pH 7.5, determined by direct spectrophotometric method 
at 510 nm. Experimental conditions: T = 20 ºC, 2 mM of phosphate, 100 µM of Fe(VI). 
 
Appendix Text − Kinetic Simulation 
AQUASIM, a computer program for the identification and simulation of aquatic systems, 
was used to simulate Fe(VI) decomposition in different solutions. Second-order kinetics 
with respect to Fe(VI) was used to describe the loss of Fe(VI) in phosphate buffer without 
the presence of bromide (eq. A.1; Jiang et al., 2015). In the presence of 200 µM of bromide, 
a mixed first- and second-order reaction with respect to Fe(VI) was used to describe the 
total Fe(VI) decomposition in the presence of bromide (eq. A.2). The reason that the 
reaction between Fe(VI) and bromide was described as pseudo-first order is because 
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bromide (200 µM) was in excess of Fe(VI) (50 µM) and the change in bromide 
















2 + 𝑘1 [Fe(VI)]    (eq. A. 2) 
where k1 = kBr·[Br−] and [Br−] = 200 µM. The value of k1 and k2 was estimated with 
AQUASIM by minimizing the sum of the squares of the weighted deviations between 
measured and calculated Fe(VI) residual. As the initial Fe(VI) concentration (intended to 
be 50 μM) was not always known with high accuracy, the initial Fe(VI) concentration was 
set as an additional parameter to be estimated by the program. 
Figure A.2 shows the measured and simulated Fe(VI) decomposition in phosphate-
buffered DI water at pH 6.2 and 7.5 with and without the presence of bromide, and the 
reaction rate constants are summarized in Table 3.2 in the main text. Note that the second-
order rate constant (k2) of 13.2 M
−1 s−1 at pH 7.5 agreed very well with the model prediction 
value, 12.5 M−1 s−1, proposed by Jiang et al. (2015) for Fe(VI) decomposition at pH 7.5 in 




Figure A.2 Fe(VI) decomposition in phosphate-buffered DI water with and without 
the presence of bromide. The symbols represent the measured data, and the lines 
represent the modeled Fe(VI) decomposition results. Experimental conditions: T = 











































Figure A.3 The THM, DHAA, THAA, DHAN, HK, and CP formation potentials of 





















































































































Figure A.4 The specific THM, DHAA, THAA, DHAN, HK, and CP formation (µg/mg-


























































































































































































Figure A.5 The bromine substitution factor (BSF) of THM, DHAA, THAA, and 



























































































Figure A.6 The removal efficiency of THM, DHAA, THAA, DHAN, HK, and CP 
precursors by conventional treatment. 
 
Figure A.7 Effect of pre-ferrate treatment followed by conventional treatment 
(scenario IIIA: ferrate & optimal coagulation) on DOC removal compared to 







































































































Ferrate Dose (mg Fe/mg C)



















Gloucester, MA, pH 6.2
Gloucester, MA, pH 7.5
Norwalk, CT (epi), pH 6.2
Norwalk, CT (epi), pH 7.5
Norwalk, CT (meso), pH 6.2
Norwalk, CT (meso), pH 7.5
Norwalk, CT (hypo), pH 6.2
Norwalk, CT (hypo), pH 7.5
South Deerfield, MA, pH 6.2




Figure A.8 Effect of pre-ferrate treatment followed by conventional treatment 
(scenario IIIA: ferrate & optimal coagulation) on UV254 absorbing substance removal 
compared to conventional treatment under varied ferrate pre-oxidation dose and pH 
conditions. 
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Gloucester, MA, pH 6.2
Gloucester, MA, pH 7.5
Norwalk, CT (epi), pH 6.2
Norwalk, CT (epi), pH 7.5
Norwalk, CT (meso), pH 6.2
Norwalk, CT (meso), pH 7.5
Norwalk, CT (hypo), pH 6.2
Norwalk, CT (hypo), pH 7.5
South Deerfield, MA, pH 6.2




Figure A.9 Effect of ferrate and ozone pre-oxidation on the BSF of THMs, THAAs, 























































Figure A.10 Effect of ferrate and ozone pre-oxidation on the BSF of THMs, DHAAs, 
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